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Preface 


Professor N. Glinka's book Problems and Exercises in General 
Chemistry requires no special recommendation. For many 
years, it has won merited popularity both among secondary 
school pupils and higher school students and among lecturers 
in chemistry. This popularity is explained not only by the 
appropriate selection of the exercises and the clarity of the 
introductory passages preceding the problems, but also, 
which is of equal importance, by the congruity of the present 
book to the well-known textbook General Chemistry by the 
same author. 

The late author last revised the book in 1964 when he 
was preparing its 13th edition; the succeeding Russian edi¬ 
tions were published without any revision or alteration. 
During this period, however, Glinka's General Chemistry 
was revised quite appreciably, which was due both to the 
intensive development of the chemical science and to the 
changes in the secondary and higher school syllabuses in 
chemistry. This required the relevant revision of the prob¬ 
lem book, carried out for the 21st Russian edition by a group 
of authors. The following chapters were completely or almost 
completely rewritten: Chapter 2, by T. E. Alekseeva, Cand. 
Sc. (Chem.), Chapters 3, 4, and 9, by Associate Professor 
N. B. Platunova, Cand.Sc. (Chem.), Chapter 5, by Asso¬ 
ciate Professors Kh. M. Rubina, Cand.Sc. (Chem.) and 
V. A. Rabinovich, Cand.Sc. (Chem.), and Chapter 8, by 
T. E. Khripunova, Cand.Sc. (Chem.) and V. A. Rabinovich. 
Chapters 1 and 10 were revised and supplemented by 
T. E. Alekseeva, Chapters 6 and 7—by Kh. M. Rubina, 
Chapter 11—by N. B. Platunova and T. E. Alekseeva. 

This first English edition has been translated from the 21st 
Russian edition. 
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Preface 


In addition to problems and exercises of a traditional form, 
many sections of the present book contain review questions 
that will permit the student to see how well he or she has 
mastered the relevant material. Each question is followed 
by a set of answers, from among which one or more correct 
ones must be chosen; sometimes it is also necessary to sub¬ 
stantiate the answer by selecting the correct explanation 
from among a number of choices following the question. 
Should the chosen answer fail to coincide completely or 
partly with those given at the end of the book, this will indi¬ 
cate that the student must again study the introductory text 
to the given section, or the relevant material in the textbook. 

In preparing this edition, the authors and editors tried to 
retain the style and merits of Glinka’s original problem book, 
and at the same time to bring it closer to the content and 
nature of the latest editions of Glinka’s General Chemistry. 
We shall be grateful to our readers—both students and lec¬ 
turers—for all their remarks aimed at a further improvement 
of this book. 

The authors express their gratitude to Prof. G. P. Luchin- 
sky and Associate Professor Z. E. Golbraikh whose remarks 
and advice facilitated the improvement of the book. 


V. A. Rabinovich, Kh. M. Riibina 
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I 

SIMPLE STOICHIOMETRIC 
CALCULATIONS 


Equivalent. Law of Equivalents 

An equivalent of a substance is defined to be an amount 
of it such that combines with one mole of hydrogen atoms 
or replaces the same number of hydrogen atoms in chemical 
reactions. 

The mass of one equivalent of an element is called its 
equivalent mass. 

Example 1. Find the equivalent and the equivalent masses of 
the elements in the compounds HBr, H 2 0 r and NH S . 

Solution. In the compounds named, 1 mole of bromine atoms, 
1/2 mole of oxygen atoms, and 1/3 mole of nitrogen atoms combine 
with one mole of hydrogen atoms. Consequently, by definition, the 
equivalents of bromine, oxygen, and nitrogen are 1 mole, 1/2 mole, 
and 1/3 mole, respectively. Proceeding from the molar masses of atoms 
of these elements, we find that the equivalent mass of bromine is 
79.9 g/mol, of oxygen 16 X 1/2 = 8 g/mol, and of nitrogen 14 X 
X 1/3 = 4.67 g/mol. 

To determine the equivalent (or equivalent mass) of an 
element, we do not necessarily have to proceed from its hy¬ 
drogen compound. The equivalent (equivalent mass) can be 
calculated using the composition of a compound of the given 
element with any other one whose equivalent is known. 

Example 2. When 5.6 g of iron combined with sulphur, 8.8 g 
of iron sulphide were formed. Find the equivalent mass of iron Ep e 
and its equivalent if the equivalent mass of sulphur is 16 g/mol. 

Solution. It follows from the data of the example that iron sulphide 
contains 8.8 — 5.6 — 3.2 g of sulphur per 5.6 g of iron. According 
to the law of equivalents, the masses of reacting substances are pro¬ 
portional to their equivalent masses. Hence, 

5.6 g of iron are equivalent to 3.2 g of sulphur 

Ep e g/mol of iron are equivalent to 16 g/mol of sulphur whence 
5.6 X16 An . , 

Ef e=— 32 —'=28 g/mol 
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The molar mass of Iron numerically coinciding with its relate 
molecular mass is 56 g/mol. Since the equivalent mass of iron 
(28 g/mol) is half the molar mass of its atoms, one mole of iron con¬ 
tains two equivalents. Consequently, the equivalent of iron is i/2 mole. 

The law of equivalents allows us to derive the following 
formulas for calculating the equivalent masses of compounds: 

„ M oxide _ 

■O'oxide Number of element atoms X Valence of element 


■®acid — 


_ M r cia _ 

Basicity of acid* 


^ba»e 


-Eaalt = 


_ /ifbase 

Acidity of base* 

. _ /^salt 

Number of metal atoms x Valence of metal 


where M is the molar mass of the relevant compound. 

Example 3. Determine the mass of the sodium hydrogen sulphate 
formed when a solution containing 8 g of NaOH is neutralized with 
sulphuric acid. 

Solution. We find the equivalent mass of sodium hydroxide: 
E(NaOH) = M(NaOH)/l = 40 g/mol. Consequently, 8 g of NaOH 
form 8/40 = 0.2 of the equivalent mass of NaOH. According to the 
law of equivalents, the mass of the salt formed is also 0.2 of its equiva¬ 
lent mass. 

We find the equivalent mass of the salt: E(NaHSO t ) ■=*» 
•= Af(NaHS0 4 )/l = 120 g/mol. The mass of the sodium hydrogen 
sulphate formed is 120 X 0.2 = 24 g. 

In solving problems containing information on the vol¬ 
umes of gaseous reactants, it is good practice to use the value 
of the equivalent volume. 

The equivalent volume is defined as the volume occupied 
in the given conditions by one equivalent of a substance. 
The value of the equivalent volume of a gaseous substance can 
be found if we remember that the molar volume of any gas 
consisting of monatomic molecules contains one mole of 
atoms, that of a gas consisting of diatomic molecules—two 
moles of atoms, and so on. For instance, 22.4 litres of H s in 
standard conditions (standard temperature and pressure) 


* The basicity of an acid is determined by the number of protons 
given up by a molecule of the acid in reacting with a base; the acidity 
of a base is determined by the number of protons attached by a mole¬ 
cule of the base when it reacts with an acid. 
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contain two moles of hydrogen atoms. Since the equivalent 
of hydrogen is one mole, 22.4 litres of H, contain two hydro¬ 
gen equivalents; hence, the equivalent volume of hydrogen 
is 22.4/2 = 11.2 1/mol. 

Example 4. A certain amount of a metal whose equivalent mass 
is 28 g/mol displaces 0.7 litre of hydrogen measured in standard 
conditions from an acid. Find the mass of the metal. 

Solution. Knowing that the equivalent volume of hydrogen is 
11.2 l/mol, we form a proportion: 

28 g of the metal are equivalent to 11.2 litres of hydrogen 

* g of the metal are equivalent to 0.7 litre of hydrogen 


0.7X28 
*“ 11.2 


= 1.75 g 


PROBLEMS 

1 . In the combustion of 5.00 g of a metal, 9.44 g of the 
metal oxide are formed. Find the equivalent mass of the 
metal. 

2. The same amount of a metal combines with 0.200 g of 
oxygen and with 3.17 g of a halogen. Calculate the equiva¬ 
lent mass of the halogen. 

3. The mass of one litre of oxygen is 1.4 g. How many lit¬ 
res of oxygen are needed for the combustion of 21 g of mag¬ 
nesium whose equivalent is 1/2 mole? 

4. Find the equivalent masses of a metal and sulphur if 
3.24 g of the metal form 3.48 g of its oxide and 3.72 g of 
its sulphide. 

5. Calculate the atomic mass of a divalent metal and de¬ 
termine the metal if 8.34 g of it are oxidized by 0.680 litre 
of oxygen (in standard conditions). 

6. Arsenic forms two oxides one of which contains 65.2 % 
and the other 75.7 % of the element. Determine the equiva¬ 
lent masses of arsenic in both cases. 

7. 1.00 g of a metal combines with 8.89 g of bromine and 
with 1.78 g of sulphur. Find the equivalent masses of bro¬ 
mine and the metal if the equivalent mass of sulphur is 
16.0 g/mol. 

8. The equivalent mass of chlorine is 35.5 g/mol, and the 
molar mass of copper atoms is 63.5 g/mol. The equivalent 
mass of copper chloride is 99.5 g/mol. What is the formula 
of copper chloride? 
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9. 14.7 g of sulphuric acid were needed to dissolve 16.8 g 
of a metal. Calculate the equivalent mass of the metal and 
the volume of the hydrogen liberated (in standard conditions). 

10. The reduction of 1.80 g of a metal oxide required 
833 ml of hydrogen measured in standard conditions. Calcu¬ 
late the equivalent masses of the oxide and the metal. 

11. A certain amount of a metal whose equivalent mass 
is 27.9 g/mol displaces 700 ml of hydrogen measured in 
standard conditions from an acid. Find the mass of the 
metal. 

12. Identical amounts of hydrogen are displaced from an 
acid by 1.60 g of calcium and 2.16 g of zinc. Determine the 
equivalent mass of zinc knowing that the equivalent mass 
of calcium is 20.0 g/mol. 

13. Sulphuric and orthophosphoric acids have the same 
molecular mass. What is the ratio of the masses of these acids 
needed to neutralize the same amount of an alkali if the 
sulphate and dihydrogen orthophosphate were formed, re¬ 
spectively? 

14. Copper forms two oxides. For the same amount of 
copper, twice as much oxygen was used to form the first oxide 
than to form the second one. What is the ratio of the va¬ 
lences of the copper in the first and second oxides? 

15. The salt Na g HP0 4 formed when orthophosphoric acid 
was reacted with an alkali. Find the equivalent mass of or¬ 
thophosphoric acid for this case. 

16. The neutralization of 2.45 g of an acid requires 2.00 g of 
sodium hydroxide. Calculate the equivalent mass of the acid. 

17. The reaction of 5.95 g of a substance with 2.75 g of 
hydrogen chloride yielded 4.40 g of a salt. Calculate the 
equivalent masses of the substance and the salt formed. 

18. 0.376 g of aluminium reacted with an acid to displace 
0.468 litre of hydrogen measured in standard conditions. 
Find the equivalent volume of the hydrogen knowing that 
the equivalent mass of aluminium is 8.99 g/mol. 

REVIEW QUESTIONS 

19. What does the equivalent of a chemical element de¬ 
pend on? (a) On the valence of the element; (b) it is always a 
constant quantity. 
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20. Which of the following two formulas expresses the 
law of equivalents correctly? 

( fi )-S- = TT ; (b) m i E i = EiTn 2 

21. Phosphorus forms two chlorides differing in composi¬ 
tion. The equivalent of which element remains constant in 
these compounds? (a) Chlorine; (b) phosphorus. 

22. Choose the correct values of the equivalent volumes 
of oxygen and hydrogen in standard conditions: (a) 11.2 li¬ 
tres of 0 2 and 22.4 litres of H a ; (b) 11.2 litres of O a and 11.2 
litres of H a ; (c) 5.6 litres of O a and 11.2 litres of H a . 

23. The equivalent mass of a metal is 12 g/mol. What is 
the equivalent mass of its oxide? (a) 24 g/mol; (b) it cannot 
be determined; (c) 20 g/mol. 

24. The equivalent mass of a metal is double that of oxy¬ 
gen. How many times is the mass of its oxide greater than 
the mass of the metal? (a) 1.5 times; (b) 2 times; (c) 3 times. 

25. Sulphur forms the chlorides S a Cl a and SCl a ; the equi¬ 
valent mass of the sulphur in SCl a is 16 g/mol. Choose the 
correct value of the equivalent mass of the sulphur in S a Cl a : 
(a) 8 g/mol; (b) 16 g/mol; (c) 32 g/mol. 

26. Is the equivalent of chromium in the compounds 
CrCl 8 and Cr a (S0 4 ) a the same? (a) Yes; (b) no. 

27. Is the equivalent mass of iron in the compounds 
FeCl 2 and FeCl 3 the same? (a) Yes; (b) no. 


2. Fundamental Gas Laws 

The state of a gas is characterized by its temperature, pres¬ 
sure, and volume. If the temperature of a gas is 0 °C, and 
its pressure equals standard atmospheric pressure (101.325 
kPa or 760 mmHg), the conditions in which the gas is are 
called standard. The volume occupied by a gas in these con¬ 
ditions is denoted by V 0 , and the pressure by p 0 . 

According to Boyle’s law, at constant temperature , the 
pressure of a gas is inversely proportional to its volume : 

— = or pV = const 
Pi Vt 
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Example 1. At a certain temperature, the pressure of a gas occupy¬ 
ing a volume of 3 litres is 93.3 fiPa (700 mmHg). What will the pres¬ 
sure be if the volume of the gas is diminished to 2.8 litres without 
changing the temperature? 

Solution. Denoting the required pressure by p t , we can write: 

Pa _3_ 

93.3 — 2.8 


whence 


p a = ----- = 100 kPa (750 mmHg) 

Z . O 


Gay-Lussac’s law states that at constant pressure , the 
volume of a gas is directly proportional to the absolute temper¬ 
ature (T): 

TT = -FT or f^ const 

Example 2. At 27 °C, the volume of a gas is 600 ml. What volume 
will the gas occupy at 57 °C if the pressure remains constant? 

Solution. Let us denote the required volume by T s , and the temper¬ 
ature corresponding to it by T t . According to the data of the example, 
V 2 = 600 ml, T, == 273 + 27 = 300 K, and T. = 273 -f 57 = 
= 330 K. Using these values in the expression of Gay-Lussac's law, 
we get: 

600 _ V t 
l00"“ 330 


whence 


V a 


600 X 330 
300 


==660 ml 


At constant volume , the pressure of a gas is directly propor¬ 
tional to the absolute temperature: 

Pi _ Pa 
Ti - T t 

Example 3. At 15 °C, the pressure in a cylinder with oxygen 
is 91.2 X 10* kPa. At what temperature will it become equal to 
101.33 X 10* kPa? 

Solution. Let the required temperature be T t . According to the 
data of the example, T. = 273 -)- 15 = 288 K, p 2 = 91.2 X 10* kPa, 
and p % — 101.33 X 10* kPa. Introducing these values into the last 
equation, we find 




101.33 X 10* X 288 
91.2X10* 


= 320 K or 47 °C 



Simple Stoichiometric Calculations 


17 


The relationship between the volume of a gas, its pres¬ 
sure, and temperature can be expressed with the aid of an 
equation combining Boyle’s and Gay-Lussac’s laws and 
expressing the combined gas law: 

pV _ Po v o 
T T a 


where p and V are the pressure and volume of a gas at the 
given temperature T, and p 0 and V 0 are the volume and 
pressure of the gas in standard conditions. 

This equation allows us to find any of the quantities indi¬ 
cated if the others are known. 


Example 4. At 25 °C and a pressure of 99.3 kPa (745 mmHg), 
a certain amount of a gas occupies a volume of. 152 ml. Calculate 
the volume that the same amount of the gas will occupy at 0 °C and 
a pressure of 101.33 kPa. 

Solution. Using the data of the example in the last equation, we 
obtain: 


Vo 


pVTo 

PoT 


99.3 X 152 X 273 
101.33 X 298 


= 136.5 ml 


PROBLEMS 

28. At 17 °C, a certain amount of a gas occupies a volume 
of 580 ml. What volume will the same amount of the gas oc¬ 
cupy at 100 °C if its pressure remains constant? 

29. The pressure of a gas occupying a volume of 2.5 litres 
is 121.6 kPa (912 mmHg). What will its pressure be if the 
gas is compressed to a volume of one litre without changing 
its temperature? 

30. By how many kelvins must a gas confined in a closed 
vessel at 0 °C be heated for its pressure to increase twofold? 

31. At 27 a C and a pressure of 720 mmHg, the volume of a 
gas is 5 litres. What volume will the same amount of gas 
occupy at 39 °C and a pressure of 104 kPa? 

32. The pressure of a gas in a closed vessel is 96.0 kPa 
at 7 °C. What will the pressure be if the vessel is cooled to 
—33 °C? 

33. In standard conditions, 1 g of air occupies a volume 
of 773 ml. What volume will the same mass of air occupy 
at 0 °C and a pressure of 93.3 kPa (700 mmHg)? 


2-1022 
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34. The pressure of a gas in a closed vessel at 12 °C is 
100 kPa (750 mmHg). What will the pressure of the gas be 
if the vessel is heated to 30 °C? 

35. A steel cylinder with a capacity of 12 litres contains 
oxygen under a pressure of 15.2 MPa at 0 °C. What volume 
of oxygen in standard conditions can be obtained from the 
cylinder? 

36. The temperature of nitrogen in a steel cylinder at a 
pressure of 15.2MPa is 17 °C. The maximum pressure tolerat¬ 
ed for the cylinder is 20.3 MPa. At what temperature will 
the pressure of the nitrogen reach the maximum permissible 
value? 

37. A certain amount of a gas occupies a volume of 608 ml 
at a pressure of 98.7 kPa and a temperature of 91 °C. Find 
the volume of the gas in standard conditions. 

38. The reaction of 1.28 g of a metal with water liberat¬ 
ed 380 ml of hydrogen measured at 21 °C and 104.5 kPa 
(784 mmHg). Determine the equivalent mass of the metal. 


REVIEW QUESTIONS 

39. How should the conditions be changed to prevent the 
volume of a given gas from growing when its mass is in¬ 
creased? (a) The temperature must be lowered; (b) the pres¬ 
sure must be increased; (c) no conditions can be found. 

40. What values of the temperature and pressure corres¬ 
pond to standard conditions for gases? (a) t — 25 °G, p — 
= 760 mmHg; (b) t — 0 °G, p = 1.013 X 10 6 Pa; (c) t — 
= 0 °C, p — 760 mmHg. 


3. Partial Pressure of a Gas 

The partial pressure of a gas in a mixture is the pressure 
which the gas would exert if it alone occupied the entire 
volume that the mixture occupied in the same physical con¬ 
ditions. 

Example 1. Two litres of O a and four litres of SO, taken at the 
same pressure equal to 100 kPa (750 mmHg) are mixed; the volume 
of the mixture is six litres. Calculate the partial pressures of the gases 
in the mixture. 
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Solution. According to the, data of the example, the volume of the 
oxygen increased after beingmixed by 6/2 = 3 times, and that of 
the sulphur dioxide by 6/4 = 1.5 times. The partial pressures of the 
eases diminished by the same number of times. Hence, p(0 a ) = 100/3= 
L 33.3 kPa, and p(SO a ) = 100/1.5 = 66.7 kPa. 


The law of partial pressures states that the total pressure 
of a mixture of gases that do not react chemically with one an¬ 
other equals the sum of the partial pressures of each gas in the 
mixture . 

Example 2. Three litres of CO a are mixed with four litres of O a 
and six litres of N.. Prior to mixing, the pressures of the CO a , O a , 
and N a were 96, 108, and 90.6 kPa, respectively. The total volume 
of the mixture is 10 litres. Find the pressure of the mixture. 

Solution. Simlar to the solution of the preceding example, we 
determine the partial pressures of the individual gases: 


P(CO,) = 


96x3 

10 


=28.8 kPa 


, 108x4 „ 

P( O a ) = —it.—= 43.2 kPa 


P (N*) s 


10 
90.6 X 6 

10 


= 54.4 kPa 


The total pressure of the gas mixture equals the sum of the partial 
pressures: 

p = 28.8 + 43.2 + 54.4 = 126.4 kPa 


If a gas is collected over a liquid, it must he borne in mind 
in calculations that its pressure is partial and equals the 
difference between the total pressure of the gas mixture and 
the partial pressure of the vapour of the liquid. 

Example 3. What volume is occupied in standard conditions by 
120 ml of nitrogen collected over water at 20 °C and a pressure of 
100 kPa (750 mmHg)? The pressure of saturated water vapour at 
20 °C is 2.3 kPa. 

Solution. The partial pressure of the nitrogen equals the difference 
between the total pressure and the partial pressure of the water va¬ 
pour: 

p(N t ) = p — p(H a O) = 100 — 2.3 = 97.7 kPa 


Denoting the required volume by V 0 and using the equation of 
the combined gas law, we get: 


Vo 


PVT 0 

TPo 


97.7X120X273 

293X101.3 


= 108 ml 


2 * 
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PROBLEMS 

41. Nitrogen under a pressure of 96 kPa (720 mmHg) in 
an amount of 0.04 m® is mixed with 0.02 m® of oxygen. The 
total volume of the mixture is 0.06 m®, and its total pressure 
is 97.6 kPa (732 mmHg). What was the pressure of the oxy¬ 
gen taken? 

42. A gas mixture is prepared from 2 litres of H, (p — 
— 93.3 kPa) and 5 litres of CH 4 {p = 112 kPa). The total 
volume of the mixture is 7 litres. Find the partial pressures 
of the gases and the total pressure of the mixture. 

43. A gas mixture consists of NO and CO a . Calculate the 
content of the gases in the mixture in % (vol.) if their par¬ 
tial pressures are 36.3 and 70.4 kPa (272 and 528 mmHg). 

44. A closed vessel with a capacity of 0.6 m® contains a 
mixture consisting of 0.2 kg of CO a , 0.4 kg of O s , and 
0.15 kg of CH 4 at 0 °C. Calculate (a) the total pressure of the 
mixture; (b) the partial pressure of each gas; and (c) the 
composition of the mixture in per cent (volume). 

45. A gas mixture has been prepared from 0.03 m® of 
CH 4 , 0.04 m® of H„ and 0.01 m® of CO. The initial pressures 
of the CH 4 , H 2 , and CO were 96, 84, and 108.8 kPa (720, 
630, and 816 mmHg), respectively. The volume of the mix¬ 
ture is 0.08 m®. Determine the partial pressures of the gases 
and the total pressure of the mixture. 

46. A gas meter over water contains 7.4 litres of oxygen 
at 23 °C and 104.1 kPa (781 mmHg). The pressure of saturat¬ 
ed water vapour at 23 °C .is 2.8 kPa (21 mmHg). What vol¬ 
ume will be occupied by the oxygen in the gas meter in stan¬ 
dard conditions? 

47. 0.350 g of a metal displaced from an acid 209 ml of 
hydrogen collected over water at 20 °C and 104.3 kPa. The 
pressure of saturated water vapour at this temperature is 

2.3 kPa. Find the equivalent mass of the metal. 

48.250 ml of hydrogen are collected over water at 26 °C and 
98.7 kPa. The pressure of saturated water vapour at 26 °C is 

3.4 kPa. Calculate the volume of the hydrogen in standard 
conditions and its mass. 

49. 0.604 g of a divalent metal displaced from an acid 
581 ml of hydrogen collected over water at 18 °C and 105.6 
kPa. The pressure of saturated water vapour at 18 °C is 
2.1 kPa. Find the relative atomic mass of the metal. 
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REVIEW QUESTIONS 

50. A vessel is filled with a mixture of oxygen and nitro¬ 
gen. At what ratio of the partial pressures will the masses of 
the gases he identical? (a) p( O a ) = p(N 2 ); (b) p(0 t ) = 
= 0.875 p(N 2 ); (c) p(0 2 ) = 1.14 p( N s ). 

51. The partial pressure of oxygen in the air is 22 kPa. 
What is the oxygen content in per cent (volume)? (a) 42%; 
(b) 21%; (c) 10.5%. 

52. Hydrogen was collected in one case over water, and 
in another over mercury in the same conditions. In both 
cases, the volume of the gas was the same. Were identical 
amounts of hydrogen collected over both liquids? (a) Yes; 
(b) the amount of hydrogen collected over the mercury was 
greater; (c) the amount of hydrogen collected over the water 
was greater. 

4. The Mole. Avogadro's Law. 

Molar Volume of a Gas 

In addition to the mass and volume, the amount of sub¬ 
stance proportional to the number of elementary entities 
contained in a substance is often used in chemical calcu¬ 
lations. In each case, the elementary entity (molecule, atom, 
ion, etc.) must be specified exactly. The unit of the amount 
of substance is the mole. 

The mole is the amount of a substance containing as many 
molecules, atoms, ions, electrons, or other elementary entities 
as there are carbon atoms in 0.012 kilogram of the carbon iso¬ 
tope la C. 

The number of elementary entities contained in one mole 
of a substance (Avogadro's number) has been determined 
with a high accuracy. In practical calculations, it is taken 
equal to 6.02 X 10** mol -1 . 

It is not difficult to show that the mass of" one mole of 
a substance (its molar mass) expressed in grams numerically 
equals the relative molecular mass of the substance ex¬ 
pressed in atomic mass units.* 


* The atomic mass unit (amu) is defined as l/12th of the mass 
of an atom of the carbon isotope U C. 1 amu = 1.66 X 10~* T kg. 
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For instance, the relative molecular mass (or simply the 
molecular mass) of free chlorine Cl s is 70.90 amu. Conse¬ 
quently, the molar mass of molecular chlorine is 70.90 g/mol. 
But the molar mass of chlorine atoms is half this value 
(35.45 g/mol) because one mole of chlorine molecules Cl 2 
contains two moles of chlorine atoms. 

Example 1. Express the mass of one molecule of CO a in grams* 
Solution. The molecular mass of C0 2 is 44.0 amu. Consequently, 
the molar mass of CO a is 44.0 g/mol. One mole of CO a contains 8.02 X 
X 10® molecules. Hence we find the mass of one molecule: 


m 


44.0 

6.02 X 10® 


== 7.31 x 10-® g 


Avogadro’s law states that equal volumes of all gases at 
the same temperature and pressure contain the same number of 
molecules. 

In other words, the same number of molecules of any gas 
occupies the same volume in identical conditions. But one 
mole of any gas contains the same number of molecules. There¬ 
fore, one mole of any' gas occupies the same volume in iden¬ 
tical conditions. This volume is known as the molar volume 
of a gas and in standard conditions (0 °C, a pressure of 
101.325 kPa) it is 22.4 litres. 


Example 2. A mixture of equivalent amounts of hydrogen and 
oxygen is in a closed vessel at a temperature above 100 °C. How will 
the pressure in the vessel change if the mixture is exploded and the 
contents of the vessel are then returned to their initial temperature? 

Solution. When hydrogen and oxygen react, every two molecules 
of H a and one molecule of O, yield two molecules of H a O. 

Consequently, as a result of the reaction, the total number of 
molecules diminishes to two-thirds of the original one. Since the 
reaction proceeds at constant volume, and upon completion of the 
reaction the contents of the vessel are returned to their initial temper¬ 
ature, a decrease in the number of molecules to two-thirds of the 
original one leads to a similar decrease in the pressure. 

Example 3. Calculate the volume occupied by 5.25 g of nitrogen 
at 26 °C and 98.9 kPa (742 mmHg). 

Solution. Knowing the molar volume and molar mass (28.0 g/mol) 
of nitrogen, we calculate the volume that will be occupied by 5.25 g 
of nitrogen in standard conditions: 

28.0 g of nitrogen occupy a volume of 22.4 litres 

5.25 g of nitrogen occupy a volume of F„ 
whence 


^0 = 


5.25 X 22.4 


= 4.20 litres 


28.0 
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We next reduce the volume obtained to the conditions indicated 
in the example: 


V = 


p 0 V„T 101.3 X 4.20 X 299 
pr 0 — 98.9 X 273 


=4.71 litres 


The volume content of a gas in a gas mixture is defined 
as the part of the volume of the gas mixture that would be 
occupied by the amount of the given gas contained in it at 
the same temperature and at a partial pressure equal to the 
total pressure of the gas mixture; this quantity can be ex¬ 
pressed as a fraction of the total volume (a volume fraction) 
or as a percentage of the total volume (a per cent by volume). 

For instance, the statement that “the content of carbon 
dioxide in air is 0.03% (vol.)” signifies that at a partial 
pressure of CO a equal to the total pressure of the air, and at 
the same temperature, the carbon dioxide contained in the 
air occupies 0.03% of the total volume occupied by the air. 

Example 4. How many moles of oxygen are contained in one litre 
of air if its volume content is 21% (in standard conditions)? 

Solution. In standard conditions, the oxygen contained in one litre 
of air occupies a volume of 0.21 litre. Knowing the molar volume of 
oxygen, we find the number of its moles in 0.21 litre of 0 8 : 

1 mole occupies a volume of 22.4 litres 

x moles occupy a volume of 0.21 litre 

X ~'WT" = 0,093 mo1 ® of °* 


PROBLEMS 

53. Compare the numbers of molecules contained in 1 g of 
NH S and in 1 g of N a . In what case and how many times is 
the number of molecules greater? 

54. Express the mass of one molecule of sulphur dioxide 
in grams. 

55. Is the number of molecules in 0.001 kg of H a and in 
0.001 kg of 0 2 the same? In one mole of H a and in one mole 
of 0 2 ? In one litre of H a and in one litre of O a in identical 
conditions? 

56. How many molecules are there in 1.00 ml of hydrogen 
in standard conditions? 

57. What volume is occupied by 27 x 10 M molecules of a 
gas in standard conditions? 
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58. What is the ratio of the volumes occupied by one mole 
of O g and one mole of 0 3 (in identical conditions)? 

59. Equal masses of oxygen, hydrogen, and methane are 
taken in identical conditions. Find the ratio of the volumes 
of the gases. 

60. The answer received to the question as to what vol¬ 
ume will he occupied by one mole of water in standard con¬ 
ditions was 22.4 litres. Is this answer correct? 

6f. How many molecules of carbon dioxide are contained 
in one litre of air if the volume content of the CO g is 0.03 % 
(in standard conditions)? 

62. Calculate the mass of (a) 2 litres of H, at 15 °C and 
100.7 kPa (755 mmHg); (b) 1 m* of N g at 10 °C and 102.9 kPa 
(772 mmHg); and (c) 0.5 m 8 of Cl g at 20 °C and 99.9 kPa 
(749.3 mmHg). 

63. Determine the volume occupied by 0.07 kg of N g at 
21 °C and 142 kPa (1065 mmHg). 

64. Potassium chlorate when heated decomposes with the 
formation of KC1 and O g . How many litres of oxygen at 
0 °C and 101.3 kPa can be produced from one mole of KC10 S ? 

65. How many moles are there in 1 m 8 of any gas in stan¬ 
dard conditions? 

66. What is the atmospheric pressure at the peak of a 
mountain if at 0 °C the mass of one litre of air taken there 
is 700 mg? 

67. The reaction of one volume of CO and one volume of 
Ci g yields one volume of phosgene. Find its formula. 

68. What volume of CO g is obtained in the combustion 
of two litres of butane? The volumes of both gases have been 
measured in identical conditions, 

69. A closed vessel contains a mixture consisting of three 
volumes of O g and one volume of CH 4 at 120 °C and 
600 kPa. What will the pressure in the vessel be if the mix¬ 
ture is exploded and the contents of the vessel are returned 
to their initial temperature? 

.70. After the explosion of 0.020 litre of a mixture of 
hydrogen and oxygen, 0.0032 litre of the latter remained. 
Find the initial composition of the mixture in per cent by 
volume. 

71. When a mixture of equal volumes of SO g and O g 
passes through a contact apparatus, 90% of the SO* mole- 



Simple Stoichiometric Calculations 


26 


cules transform into S0 8 . Calculate the composition (in per 
cent by volume) of the gas mixture leaving the contact appa¬ 
ratus. 

72. A mixture consisting of three volumes of Cl 2 and one 
volume of H a was left standing in a closed vessel in diffused 
light at a constant temperature. After some time, the chlo¬ 
rine content in the mixture diminished by 20%. Did the 
pressure in the vessel change? What did the composition of 
the mixture become (in per cent by volume)? 

73. The reaction of NH a with Cl„ yields hydrogen chlo¬ 
ride and nitrogen. In what volume proportions do the NH 3 
and Cl 2 react and what is the ratio of the volumes of the 
gases produced? 

74. What volume of H 2 (at 17 °C and 102.4 kPa) is liber¬ 
ated when 1,5 kg of zinc are dissolved in hydrochloric acid? 

75. The explosion of a mixture consisting of one volume 
of a gas being studied and one volume of H a yielded one 
volume of water vapour and one volume of nitrogen. All the 
measurements were made in identical conditions. Find the 
formula of the gas being studied. 

REVIEW QUESTIONS 

76. Equal volumes of N a and O a are taken in identical 
conditions. What is the relationship between the masses of 
the two gases? (a) m{ 0 2 ) > m(N 2 ); (b) m(N a ) > m( 0 2 ); 
(c) m(0 2 ) = to(N 2 ). 

77. Equal volumes of H 2 and Cl 2 were mixed. How will 
the volume of the mixture change after the reaction? (a) It 
will not change; (b) it will increase twofold; (c) it will be 
halved. 

78. What is the relationship between the volumes occu¬ 
pied by one mole of HCI and one mole of Cl 2 (T and p are 
the same)? (a) F(HC1) > F(CI a ); (b) F(HC1) = F(C1 2 ); 
(c) F(HC1) < F(C1 2 ). 

79. When heated, HBr decomposes to the end. The vol¬ 
ume of the gas does not change. What are the products of the 
decomposition reaction? (a) H and Br atoms; (b) H 2 and 
Br 2 molecules; (c) H ? molecules and Br atoms. 
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5. Determining the Molecular Masses 
of Gaseous Substances 

To find the molecular mass of a substance in amu, the 
molar mass of the substance in g/mol numerically equal to 
it is usually determined. 

A. Determination of the Molecular Mass from the Density 
of a Gas. 

Example 1. The density of a gas relative to air is 1.17. Find the 
molecular mass of the gas. 

Solution. It follows from Avogadro’s law that at the same pressure 
and tiie same temperature the masses (m) of equal volumes of gases 
relate to each other like their molar masses (M): 

m x _ Mi 

m a M t 

where mJm a is the relative density of the first gas with respect to the 
second, denoted by the symbol d. 

Hence, according to the data of the example: 



The average molar mass of air M t is 29.0 g/mol. Consequently, 
Mi = 1.17 X 29.0 = 33.9 g/mol, which corresponds to a molecular 
mass of 33.9 amu. 


B. Determination of the Molecular Mass of a Gas from 
Its Molar Volume. 

Example 2. Determine the molecular mass of a gaa if in standard 
conditions 0.824 g of it occupies a volume of 0.260 litre. 

Solution. In standard conditions, one mole of any gas occupies 
a volume of 22.4 litres. By calculating the mass of 22.4 litres of the 
given gas, we shall find its molar mass. 

0.824 g of the gas occupies a volume of 0.260 litre 
x g of the gas occupy a volume of 22.4 litres 


22.4 x 0.824 
0.260 


= 71.0 g 


Consequently, the molar mass of the gas is 71.0 g/mol, and its 
molecular mass is 71 amu. 


C. Determination of the Molecular Mass from the Clapeyron- 
Mendeleev Equation. 

The Clapeyron-Mendeleev equation (equation of state of 
an ideal gas) relates the mass ( m, kg), temperature (T, K), 
pressure (p , Pa), and volume (V, m s ) of a gas to its molar 
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mass (M, kg/mol): 


P V= 


-%rRT 

M 


Here R is the molar gas constant equal to 8.314 J (mol* K)*. 

Using this equation, we can calculate the value of any of 
the quantities in it if we know the other ones. 

Example 3. Calculate the molar maaa of benzene if the mass of 
600 ml of its vapour at a temperature of 87 °C and a pressure of 83.2 kPa 
Is 1.30 g. 

Solution. We convert the data of the example to SI units (p = 
= 8.32 X 10* Pa, V = 6 X 10 - * m», m = 1.30 X 10 - * kg, and 
T — 360 K) and introduce the results obtained into the Clapeyron- 
Mendeleev equation. We get: 


M = 


1.30 X 10** X 8.31 X 360 
8.32 X 10* X 6 X 10~* 


= 78.0 X 10-* kg/mol = 
= 78,0 g/mol 


The molecular mass of benzene is 78.0 amu. 


PROBLEMS 

80. The mass of 200 ml of acetylene in standard conditions 
is 0.232 g. Find the molar mass of acetylene. 

81. Calculate the molar mass of a gas if the mass of 
600 ml of it in standard conditions is 1.714 g. 

82. The mass of 0.001 m 8 of a gas (0 °C, 101.33 kPa) is 
1.25 g. Calculate (a) the molar mass of the gas; (b) the mass 
of one molecule of the gas. 

83. The mass of 0.001 m s of a gas in standard conditions 
is 0.0021 kg. Determine the molar mass of the gas and its 
density relative to air. 

84. The density of ethylene relative to oxygen is 0.875. 
Find the molecular mass of the gas. 

85. The mass of 0.001 m s of a gas in standard conditions 
is 0.001 52 kg, while the mass of 0.001 m 3 of nitrogen is 
0.00125 kg. Calculate the molecular mass of the gas proceed¬ 
ing from (a) its density relative to nitrogen; (b) the molar 
volume. 


* In other units, R has the following values: 62.36 l-mmHg^K -1 - 
mol -1 ; 1.987 cal-K -1 -mol -1 . 
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86. How many atoms do mercury vapour molecules con¬ 
sist of if the density of mercury vapour relative to air is 
6.92? 

87. At a certain temperature, the density of sulphur va¬ 
pour relative to nitrogen is 9.14. How many atoms does a 
sulphur molecule consist of at this temperature? 

88. Calculate the molar mass of acetone if the mass of 
500 ml of its vapour at a temperature of 87 °C and a pres¬ 
sure of 96 kPa (720 mmHg) is 0.93 g. 

89. The mass of 624 ml of a gas is 1.56 g at 17 °C and 
104 kPa (780 mmHg). Calculate the molecular mass of the 
gas. 

90. What volume is occupied by 1 kg of air at 17 °C and 
101.33 kPa? 

91. A 20-litre gas meter is filled with a gas. The density 
of the gas relative to air is 0.40, its pressure is 103.3 kPa 
(774.8 mmHg), and its temperature is 17 °C. Calculate the 
mass of the gas. 

92. The mass of a 750-ml flask filled with oxygen at 27 °C 
is 83.3 g. The mass of the empty flask is 82.1 g. Find the 
pressure of the oxygen. 

93. Calculate the mass of 1 m* of air at 17 °C and 83.2 kPa 
(624 mmHg). 

REVIEW QUESTIONS 

94. Which of the facts listed below can be a proof of the 
fact that gaseous neon is monatomic? (a) Neon forms no com¬ 
pounds with other elements; (b) the density of neon is half 
that of the noble gas argon following it in the periodic table; 
(c) the density of neon is almost half that of fluorine, the 
preceding element in the periodic table. 

95. What is the density of chlorine relative to air? (a) 
2.44; (b) 3.0; (c) it can be found only experimentally. 

96. A gaseous oxide contains 30.4% of nitrogen. An oxide 
molecule contains one nitrogen atom. What is the density 
of the gas relative to oxygen? (a) 0.94; (b) 1.44; 
(c) 1.50. 

97. The mass of 2.24 litres of a gas (in standard conditions) 
is 2.8 g. What is the molecular mass of the gas (in amu)? 
(a) 14; (b) 28; (c) 42. 
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98, The mass of a sulphur atom is double that of an oxy 
gen atom. Can we decide on this basis that the density of 
sulphur vapour relative to oxygen is two? (a) Yes; (b) no. 


6. Derivation of Chemical Formulas. 

Calculations Involving Chemical Formulas 
and Equations 

The formulas of substances show what elements and in 
what amounts the substances consist of. There are distin¬ 
guished simplest or empirical and molecular formulas. An 
empirical formula indicates the simplest possible atomic 
composition of the molecules of a substance correspond¬ 
ing to the relationship between the masses of the elements 
forming the given substance. A molecular formula shows 
the actual number of atoms of each element in a molecule 
(for substances having a molecular structure). 

To derive the empirical formula of a substance, it is suf¬ 
ficient to know its composition and the atomic masses of the 
elements forming the given substance. 

Example 1. Find the empirical formula of chromium oxide con¬ 
taining 68.4% of chromium. 

Solution. Let * and y be the number of chromium and oxygen atoms 
in the empirical formula of the oxide, respectively. The atomic masses 
of these elements are 52 and 16 amu. Consequently, the masses of the 
chromium and oxygen in the oxide are in the ratio of 52* : 16 y. Accord¬ 
ing to the data of the example, this ratio is 68.4 : (100 — 68.4) — 
= 68.4 : 31.6. Therefore, 

52* : 16y = 68.4 : 31.6 

whence 


68.4 
X 'V~ 52 ~ 


31.6 

16 


1.32:1.98 


To express the ratio obtained in integers, we divide both terms by 
the smaller of them: 


x 


:y = 


1.32 . 1.98 _ 
1.32 ’ 1.32 


and then multiply both terms of the last ratio by two: 
* : y — 2 : 3 
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Hence, the'empirical formula of chromium oxide is Cr,0,. 

Example 2. The complete combustion of 2.66 g of a substance 
yields i.54 g;of CO, and 4.48 g of SO,, Find the empirical formula of 
the substance. 

Solution. The composition of the combustion products shows that 
the substance contained carbon and sulphur. In addition to these two 
elements, it could include oxygen. 

We find the mass of the carbon in the substance from the mass of 
the CO, formed. The molar mass of CO, is 44 g/mol, one mole of it 
containing 12 g of carbon. We determine the mass m of the carbon 
in 1.54 g of CO,: 

44 :12 = 1.54 : m 


12 X 1.54 
m - 44 


0.42 g 


Similar calculations show that the mass of the sulphur contained 
in 4.48 g of SO, is 2.24 g. 

Hence, the burnt substance contained 2.24 g of sulphur per 0.42 g 
of carbon. Since the sum of these two masses equals the total mass of 
the burnt substance (2.66 g), it contained no oxygen. 

We compute the ratio of the number of carbon (x) and sulphur (y) 
atoms in a molecule of the burnt substance: 


x:y 


0.42 

12 


2.24 

32 


= 0.035 : 0.070 = 1 


2 


Consequently, the empirical formula of the substance is CS,. 


To find the molecular formula of a substance, we must 
know its molecular mass in addition to its composition. 

Example 3. A gaseous compound of nitrogen and hydrogen con¬ 
tains 12.5% (mass) of hydrogen. The density of the compound relative 
to hydrogen is 16. Find the molecular formula of the compound. 

Solution. We find the ratio of the number of nitrogen atoms (x) 
to that of hydrogen atoms (y) in a molecule of the compound 


x : y 


87.5 

14 


12.5 

1 ’ 


= 6.25 :12.5 = 1:2 


The empirical formula of the compound is NH,. A molecular mass 
of 16 corresponds to this formula. We find the true molecular mass 
of the substance from its density relative to hydrogen: 

M — 2 X 16 = 32 

Thus, the true molecular mass of the substance is double that 
calculated from its empirical formula. Hence, the molecular formula 
of the compound is N,H t . 


In an equation of a chemical reaction, each formula stands 
for one mole of the relevant substance. Therefore, knowing 
the molar masses of the substances participating in a reac- 
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tion, we can use the equation of the reaction to find the rela¬ 
tionship between the masses of the substances entering into 
the reaction and formed as a result of its proceeding. If gas¬ 
eous substances take part in a reaction, its equation allows 
us to find their volume relationships. 

Example 4. Find the mass of sulphuric acid needed for the com¬ 
plete neutralization of 20 g of sodium hydroxide. 

Solution. The equation of the reaction is: 

H 2 S0 4 + 2NaOH = Na,SO* + 2H„0 

The molecular masses of HpS0 4 and NaOH are 98 and 40 amu, 
respectively; consequently, thefr molar masses are 98 and 40 g/mol. 
According to the reaction equation, one mole of H x S0 4 reacts with 
two moles of NaOH, i.e. 

98 g of H 2 S0 4 neutralize 80 g of NaOH 
x g of H 2 S0 4 neutralize 20 g of NaOH 


Hence, 

x 


98X20 

80 


=24.5 


g 


Example 5. Chlorine can be produced by reacting sulphuric acid 
with a mixture of MnO a and NaCl. The reaction follows the equation: 

2NaCl+MnO t +3H„S0 4 =2NaHS0 4 +MnS0 4 +Cl 1 +2H*0 

What volume of chlorine (in standard conditions) can be produced 
from 100 g of sodium chloride? 

Solution. According to the reaction equation, one mole of Cl 2 is 
obtained from two moles of NaCl. Having calculated the mass of two 
moles of NaCl (117 g), we form a proportion: 

117 g of NaCl yield 22.4 litres of Cl 2 

100 g of NaCl yield x litres of Cl t 


Hence: 

22.4 X100 
117 


19.15 litres 


PROBLEMS 

99. Find the empirical formula of a substance containing 
43.4% of sodium, 11.3% of carbon, and 45.3% of oxygen. 

100. Find the empirical formula of a substance whose 
composition includes hydrogen, carbon, oxygen, and nitro¬ 
gen in the mass ratio 1:3:4:7. 

101. Find the empirical formula of vanadium oxide if 
2.73 g of the oxide contain 1.53 g of the metal. 
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102. A substance contains 26.53% of potassium, 35.37% 
of chromium, and 38.10% of oxygen. Find its empirical 
formula. 

103. Find the formula of the crystal hydrate of barium 
chloride knowing that 36.6 g of the salt when roasted lose 
5.4 g in mass. 

104. Find the molecular formula of butyric acid contain¬ 
ing 54.5% of carbon, 36.4% of oxygen, and 9.1% of hydro¬ 
gen, if the density of its vapour relative to hydrogen is 44. 

105. Find the molecular formula of a substance contain¬ 
ing 93.75% of carbon and 6.25% of hydrogen if the density 
of the substance relative to air is 4.41. 

106. The combustion of 4.3 g of a hydrocarbon yields 
13.2 g of GOj. The density of the hydrocarbon vapour rel¬ 
ative to hydrogen is 43. Derive the molecular formula of the 
substance. 

107. Two volumes of CO, and one volume of N a form upon 
the explosion of a mixture obtained from one volume of a 
gas and two volumes of oxygen. Find the formula of the gas. 

108. Find the molecular formula of a compound of boron 
with hydrogen if the mass of one litre of this gas equals the 
mass of one litre of nitrogen, and the boron content in the 
substance is 78.2%. 

109. Calculate the mass of the nitrogen contained in one 
kilogram of (a) potassium nitrate KNO s ; (b) ammonium 
nitrate NH 4 N0 3 ; (c) Ammophos (NH 4 ) a HP0 4 . 

110. Calculate the per cent composition of the following 
compounds: (a) Mg(OH) a ; (b) Fe(NO a ) 3 ; (c) H a S0 4 ; 
(d) (NH 4 ) a S0 4 . 

111. what mass of iron can be produced from 2 tonnes of 
iron ore containing 94% of Fe a O s ? 

112. Sodium hydroxide NaOH in an amount of 9 g was 
added to a solution containing 10 g of H a S0 4 . What is the 
reaction of the solution obtained? 

113. A solution containing 34.0 g of AgNO s is mixed 
with a solution containing the same mass of NaCl. Will all 
of the silver enter into the reaction? How many grams of 
AgCl were obtained as a result of the reaction? 

114. The combustion of 3.00 g of anthracite yielded 5.30 
litres of CO a measured in standard conditions. What is the 
carbon content of the anthracite in per cent? 



Simple Stoichiometric Calculations 33 

115. A solution containing 0.20 mole of FeCl, was reacted 
with 0.24 mole of NaOH. How many moles of Fe(OH), 
formed, and how many moles of the FeCl s remained in the 
solution? 

116. How many litres of detonating gas (in standard con¬ 
ditions) are produced in the decomposition of one mole of 
water by an electric current? 

117. What volume of acetylene (in standard conditions) 
can be produced by reacting water with 0.80 kg of CaC a ? 

118. How many grams of NaGl can be obtained from 
265 g of Na a CO s ? 

119. When a mixture consisting of 10 moles of SO a and 
15 moles of O a was passed over a catalyst, 8 mples of S0 8 
were formed. How many moles of S0 a and O a did not enter 
into the reaction? 

120. How many grams of NH 4 C1 form when 7.3 g of HG1 
are mixed with 4.0 g of NH S ? Find the mass of the gas re¬ 
maining after the reaction. 

121. What volume of air is needed for the combustion of 
1 m s of a gas having the following composition in % (vol.): 
50% of H a , 35% of CH 4 , 8% of CO, 2% of C a H 4 , and 5% 
of noncombustible admixtures? The air contains 21 % (vol.) 
of oxygen. 

122. Water gas consisting of equal volumes of CO and H, 
is produced when water vapour is passed over red hot coal. 
What volume of water gas (in standard conditions) can be 
obtained from 3.0 kg of coal? 

123. Calcium carbonate decomposes into CaO and CO„ 
when heated. What mass of natural limestone containing 
90% of CaC0 8 is heeded to produce 7.0 tonnes of unslaked 
lime? 

124. A solution containing 5,0 g of KOH was poured into 
a solution containing 6.8 g of A1C1 S . Find the mass of the 
precipitate formed. 

125. Calculate the mass of the crystal hydrate 
Cu(NO a ) a -3H a O obtained by dissolving 10 g of copper in 
nitric acid and then evaporating the solution. 

126. When 3.90 g of a mixture of aluminium and its oxide 
were reacted with a solution of sodium hydroxide, 840 ml 
of a gas evolved measured in standard conditions. Find the 
per cent composition of the initial mixture. 


3-1022 
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127. Hydrochloric acid was reacted with 5.10 g of a pow¬ 
der of partly oxidized magnesium, and 3.74 litres of H a 
measured in standard conditions were liberated. What was 
the percentage of the magnesium in the powder? 

128. A sample of iron shavings with a mass of 3.4260 g 
yielded 0.0998 g of SiO s after the relevant treatment. Cal¬ 
culate the silicon content in the iron being analysed. 

129. What volume of hydrogen (in standard conditions) 
is needed to reduce 125 g of MoO, to the metal? 

130. When hydrochloric acid was reacted with 1.20 g of 
an alloy of magnesium with aluminium, 1.42 litres of hydro¬ 
gen measured at 23 °C and 100.7 kPa were liberated. Cal¬ 
culate the per cent composition of the alloy. 

131. To determine the NaCl content in commercial NaOH 
2.00 g of the latter were dissolved in water and an excess 
amount of an AgNO s solution was added to this solution. 
The precipitate formed was washed and dried. Its mass was 
0.287 g. Find the mass of the NaCl in the initial sample. 

REVIEW QUESTIONS 

132. The empirical formula of hydrazine is NH a . What is 
its true formula if the density of hydrazine vapour relative 
to air is 1.1? (a) NH a ; (b) N a H 4 ; (c) N»H g . 

133. The empirical formula of a compound of carbon with 
hydrogen is CH a . What is the molecular formula of the com¬ 
pound if the mass of one litre of the gas equals that of one 
litre of nitrogen? (a) C a H 6 ; (b) C a H 4 ; (c) C 4 H 8 . 

134. What is the molecular formula of a compound of 
nitrogen with oxygen if the density of this gas relative to 
hydrogen is 15? (a) NO; (b) N a O; (c) NO a . 

135. A metal displaced 16.8 ml of H a (in standard con¬ 
ditions) from an acid. What volume of N a is needed to com¬ 
bine with this amount of hydrogen into NH„? (a) 11.2 ml; 
(b) 5.6 ml; (c) 8.4 ml. 

136. The decomposition of CaCO s yielded 11.2 litres of 
CO a . What is the mass of KOH required to combine with 
the CO a to form the carbonate? (a) 56 g; (b) 112 g; (c) 28 g. 

137. Determine the reaction of a solution into which 90 g 
of NaOH and 73 g of HC1 have been introduced, (a) Neutral; 
(b) acid; (c) alkaline. 



2 

BASIC CLASSES 
OF INORGANIC COMPOUNDS 


Inorganic compounds can be classified with respect to 
either their composition or their properties (the functional 
features). With respect to composition, they are sub¬ 
divided first of all into binary compounds (containing two 
elements) and compounds containing three and more ele¬ 
ments (ternary and higher compounds) 

Binary compounds include, for example, compounds of 
elements with oxygen (oxides), halogens (halides—fluorides, 
chlorides, bromides, iodides), sulphur (sulphides), nitro¬ 
gen (nitrides), phosphorus (phosphides), carbon (carbides), 
and compounds of metals with hydrogen (hydrides). Binary 
compounds are named by first specifying the ordinary English 
name of the less electronegative (more metallic) element. 
The name of the second element (the more electronegative 
one, almost always a non-metal) is obtained by adding the 
suffix -ide to its stem. For example, Al a O s is aluminium 
oxide (but OF a is oxygen fluoride because fluorine is a more 
electronegative element than oxygen), NaCl is sodium chlo¬ 
ride, CaC 2 is calcium carbide. If the less electronegative 
element is a metal and can be in different oxidation states, 
a Roman numeral equal to the oxidation number of the ele¬ 
ment follows its name in parentheses. Examples are copper(I) 
oxide Cu a O, copper(II) oxide CuO, and iron(III) chloride 
FeCl s . 

When naming binary compounds formed between non- 
metals, a system is preferred in which the number of atoms 
of each element in a molecule is specified by a Greek prefix: 
mono-, di-, tri-, tetra-, penta-, hexa-, and so pn. The mono¬ 
prefix is omitted when superfluous. Examples are carbon 
monoxide CO, carbon dioxide CO a , sulphur hexafluoride 
SF a , nitrogen dioxide NO a , and dinitrogen tetroxide N,0 4 . 


3 * 
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Hydrogen compounds of non-metals exhibiting acid prop¬ 
erties until lately were an exception from the above rules, 
and their names were formed according to the rules adopted 
for acids (see below). According to the recommendations of 
the IUPAC, these compounds are to he named following 
the above rules as binary compounds of hydrogen, for in¬ 
stance, hydrogen chloride HC1 and hydrogen sulphide 
H 2 S. 

An important group among ternary and higher compounds 
is formed by hydroxides, i.e. substances that include hydro¬ 
xyl groups OH and that can be considered as compounds of 
oxides with water. Among them are both bases (basic hydrox¬ 
ides) such as NaOH and Ca(OH) a , and acids (acid hydrox¬ 
ides) such as HNO s and H a S0 4 , as well as substances ca¬ 
pable of displaying both acidic and basic properties (ampho¬ 
teric hydroxides). The names of hydroxides exhibiting acidic 
properties are formed according to the rules established for 
acids (see below). The names of basic hydroxides are formed 
by using the word “hydroxide” after the name of the rele¬ 
vant element followed, when required, by its oxidation 
number in Roman numerals in parentheses. For example, 
lithium hydroxide LiOH, and iron(II) hydroxide Fe(OH) a . 

With respect to their functional features, inorganic 
compounds are subdivided into classes depending on the 
characteristic functions they perform in chemical reactions. 
For instance, oxides are grouped into non-salt-forming 
(indifferent) and salt-forming. The latter, in turn, are 
divided into basic, acidic, and amphoteric oxides. 

The name basic is applied to oxides that form salts when 
they react with acids or acid oxides. Bases correspond to ba¬ 
sic oxides. For example, the base calcium hydroxide Ca(OH) a 
corresponds to calcium oxide CaO, and cadmium hydroxide 
Cd(OH) a to cadmium oxide CdO. 

The name acidic (acid) is applied to oxides that form 
salts when they react with bases or basic oxides. By attach¬ 
ing water directly or indirectly, acidic oxides form acids. 
For instance, silicon dioxide SiO a forms silicic acid H a SiO a , 
and dinitrogen pentoxide N a 0 5 forms nitric acid HNO s . 

Acidic oxides can be obtained by removing water from 
the relevant acids, which is why they are also known as 
acid anhydrides. 
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Oxides that form salts when they react either with acids 
or bases are called amphoteric. These oxides include ZnO, 
A1 2 0 3 , SnO, Sn0 2 , PbO, and Cr a O s . 

Non-salt-forming oxides react neither with acids nor 
with bases. They include, for example, dinitrogen mono¬ 
xide N a O and nitrogen monoxide NO. 

Oxygen compounds of elements exist that relate to the 
class of oxides as regards their composition, but actually 
belong to the class of salts as regards their structure and 
properties. These are the compounds named peroxides. 

Peroxides are salts of hydrogen peroxide H a O s such as 
Na a O a and CaO a . A feature of the structure of these com¬ 
pounds is the presence of two bonded oxygen atoms —O—O— 
(an “oxygen bridge”). 

An important class of inorganic compounds with a view 
to functional features is formed by acids. From the stand¬ 
point of the theory of electrolytic dissociation, acids include 
substances capable of dissociating in a solution with the 
formation of hydrogen ions. From the viewpoint of the pro- 
tolytic (proton) theory of acids and bases, acids are defined 
as substances that can be donors of protons, i.e. that can 
give up a hydrogen ion. 

A feature of acids is their ability to react with bases, and 
with basic and amphoteric oxides to form salts, for example: 
2HN0, 4- Cu(OH), = Cu(NO a ), + 2H,0 
2HC1 + CaO - CaCl s + H,0 
H,S0 4 4 - ZnO = ZnS0 4 4 - H a 0 

With respect to the presence of oxygen in thei? compo¬ 
sition, acids are grouped into oxyacids (for example, H a S0 4 
and HN0 3 ) and hydracids containing no oxygen (for example, 
HBr and H a S). According to the number of hydrogen atoms 
in a molecule of an acid capable of being replaced by metal 
atoms, there are distinguished. monobasic (for instance, 
hydrogen chloride HC1 and nitric acid HNO s ), dibasic (sul¬ 
phurous H a SO s and carbonic H a CO s ), tribasic (orthophospho- 
ric H 8 PO„) acids, etc. 

The names of acids come from the element forming the 
acid. Hydracids are named like binary compounds of non- 
metals, including acids containing a group of elements such 
as hydrogen cyanide HCN. According to the classical system 
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still found in many books, and also used when speaking of 
aqueous solutions of hydracids, the root of the name of the 
element (or group of elements) forming the acid is sandwiched 
between the prefix hydra- (or hydr-) and the suffix -ic fol¬ 
lowed by the word acid. Examples are hydrochloric acid HC1 
and hydrocyanic acid HCN. 

The names of oxyacids are also formed from the name of 
the relevant element. The latter, however, may exist in 
different oxidation states, and there may be an acid corre¬ 
sponding to each state. The prefixes per- and hypo- and the 
suffixes -ic and -ous are used to denote these conditions. 
Examples of the names of oxyacids for an element with four 
oxidation states in descending order of the latter are perch¬ 
loric acid HC10 4 , chloric acid HC10 3 , chlorous acid HC10 a , 
and hypochlorous acid HCIO (usually written HOC1). When 
there are two oxidation states, the suffix -ic denotes the 
higher one and the suffix -ous the lower one (sulphuric acid 
H a S0 4 and sulphurous acid H a S0 3 ). 

When an element in the same oxidation state forms sever¬ 
al acids each containing one atom of the given element in a 
molecule (for example, HP0 3 and H 3 P0 4 ), the prefix meta¬ 
ls used with the name of the acid containing the smallest 
number of oxygen atoms, and the prefix ortho- with the name 
of the one containing the greatest number of oxygen atoms 
(metaphosphoric acid HPO s and orthophosphoric acid 
H 3 P0 4 ). 

If an acid molecule contains two atoms of the acid-form¬ 
ing element, its name is preceded by the prefix di- (diphos- 
phoric acid H 4 P a O and disulphuric acid H a S a 0 7 ). 

Acids containing the group of atoms —O—O— can be 
treated as derivatives of hydrogen peroxide. They are 
named peracids. If necessary, the name of such an acid 
includes a prefix indicating the number of atoms of the acid¬ 
forming element in a molecule, and following the prefix 

HjSjOj 

0 0 

II II 

H-O-S-O-O-S—0—H 
' II II 

0 o 

perdisulphuric acid 


per-, for example 
H a SO, 

H -<V° 

H-O-O^ \) 
persulphuric acid 
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Still another important class of inorganic compounds char¬ 
acterized by common properties is formed by bases. Accord¬ 
ing to the theory of electrolytic dissociation, they include 
substances capable of dissociating in solution to form hydro¬ 
xide ions, i.e. basic hydroxides. 

A feature of bases is their ability to react with acids, 
acidic or amphoteric oxides and form salts, for example: 

KOH + HCl = KC1 + H s O 

Ba(OH) a + CO* = BaC0 3 + H*0 

2NaOH + AI a O a = 2NaAIO* + H,0 

From the angle of view of the protolytic (proton) theory, 
bases are substances that can be acceptors of protons, i.e. 
can attach a hydrogen ion. From this standpoint, not only 
basic hydroxides should be related to bases, but also some 
other substances such as ammonia whose molecule can pick 
up a proton and form an ammonium ion: 

NH S + H + = NHJ 

Indeed, ammonia, like basic hydroxides, can react with 
acids to form salts: 

NH S + HCl = NH 4 C1 

Depending on the number of protons that can be attached 
to a base, there are distinguished monoacid bases (for exam¬ 
ple, LiOH, KOH, NH S ), diacid bases [Ca(OH) 2 , Fe(OH)*], 
etc. 

Amphoteric hydroxides can dissociate in aqueous solutions 
both like acids (with the formation of hydrogen cations) 
and like bases (with the formation of hydroxyl anions); they 
can be both donors and acceptors of protons. This is why 
amphoteric hydroxides form salts when they react with acids 
and with bases. When they react with acids, amphoteric 
hydroxides exhibit properties of bases, and when they react 
with bases—properties of acids: 

Zn(OH)* + 2HCI = ZnCl* + 2H a O 

Zn(OH) a + 2NaOH = Na*ZnO* + 2H*0 

Examples of amphoteric hydroxides are Zn(OH) 4 , Al(OH) 3 , 
Pb(OH) ? , Sn(OH) 2 , and Cr(OH) a . 
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Salts can be considered as the products of the complete 
or partial replacement of the hydrogen atoms in an acid 
molecule by metal atoms or as the products of the complete 
or partial replacement of the hydroxyl groups in a basic 
hydroxide molecule by acid residues. Upon complete re¬ 
placement of the hydrogen atoms in an acid molecule, 
neutral (normal) salts are obtained, and upon incomplete 
replacement, acid salts. Acid salts are formed by polybasic 
acids. 

Upon the partial replacement of the hydroxyl groups in 
a molecule of a basic hydroxide by acid residues, basic 
salts (hydroxosalts) are formed. Basic salts can be formed 
only by polyacid hydroxides. 

Acid salts are produced in the reaction of acids with bases 
when the amount of base used is insufficient for the forma¬ 
tion of a neutral salt, for instance: 

H*S0 4 + NaOH = NaHS0 4 + H s O 

Basic salts are produced when the amount of acid used is 
insufficient for the formation of a neutral salt, for instance: 

Fe(OH) s + H s S0 4 = FeOHS0 4 + 2H,0 

The names of salts are formed from the name of the cation 
and that of the acid anion (sodium chloride, copper sul¬ 
phate). The name of the anion is derived from the root of the 
Latin name of the acid-forming element (for example, cal¬ 
cium plumbate CaPbO s ). The oxidation number of the metal 
forming the cation is indicated when required in Roman nu¬ 
merals in parentheses. 

The anion of a hydracid salt is given the suffix -ide. Exam¬ 
ples are sodium bromide NaBr, iron(II) sulphide FeS, and 
potassium cyanide KCN. 

The names of oxyacid anions are given the suffix -ate 
for the higher oxidation state of the acid-forming element 
and the suffix -ite for the lower oxidation state. When the 
prefixes per- and hypo- are used for acids, they are retained 
in the names of the relevant salts. For example, salts of 
sulphuric acid are called sulphates, of sulphurous acid- 
sulphites, of perchloric acids—perchlorates, and of hypo- 
chlorous acid—hypochlorites. 
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If a molecule of an acid contains two atoms of the acid- 
forming element, the numerical prefix di- is added to the 
name of the anion. For example, the salts of disulphuric 
acid H a S 2 0 7 are called disulphates, and those of diphos- 
phoric acid H 4 P a 0 7 —diphosphates. 

Anions of peracids are named by adding the prefix per-. 
For instance, salts of persulphuric acid H a SO s are called 
persulphates, and of perdisulphuric acid H a S a 0 8 —perdisul- 
phates. 

The names of the most important acids and their salts are 
given in the Appendix (Table 4). 

Acid salts are named in the same way as neutral ones, 
except that the word hydrogen is added before the name of 
the anion with a Greek prefix (di-, tri-, etc.) indicating the 
number of hydrogen atoms remaining unreplaced. Examples 
are barium hydrogen carbonate Ba(HCO g ) a , sodium dihy¬ 
drogen arsenate NaH a As0 4 , r and lithium hydrogen sulphide 
LiHS. 

The names of basic salts are also formed like those of 
neutral ones, except that the word hydroxide is added indi¬ 
cating the presence of unreplaced hydroxide groups. Exam¬ 
ples are iron(II) chloride hydroxide FeOHCl, nickel sulphate 
hydroxide (NiOH) a S0 4 , and aluminium nitrate dihydrox¬ 
ide AI(OH) a NO s . 

Sometimes, the formation of a basic salt is attended by 
the detachment of water, for instance: 

Bi(OH) a Cl = BiOCl + H„0 

The salts formed (oxosalts) in such cases contain no hydrox¬ 
ide groups, but retain the properties of basic salts, par¬ 
ticularly the ability of reacting with acids to form neutral 
salts: 

BiOCl + 2HC1 = BiCl* + H,0 

The names of the oxygen-containing cations in oxosalts 
(BiO + , SbO + , UO| + , etc.) are derived from the stem of 
the Latin name of the metal with the addition of the suffix 
-yl: bismuthyl BiO + , stibyl (antimonyl) SbO + , uranyl UO! + . 
Accordingly, BiOCl is called bismuthyl chloride, UO a (NO s ) a 
—uranyl nitrate, etc. 
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PROBLEMS 

138. Write the formulas of the anhydrides of the follow¬ 
ing acids: H 2 S0 4 , H 3 B0 3 , H 4 P 2 0 7 , HC10, HMn0 4 . 

139. Write the formulas of the oxides corresponding to 
the following hydroxides: H 2 Si0 3 , Cu(OH) 3 , H 3 As0 4 , 
H 2 W0 4 , Fe(OH) 3 . 

140. Compile the equations of the reactions that can be 
used to carry out the following transformations: 

Ba -*■ BaO BaCl* Ba(NO s ) s -v BaS0 4 
Mg MgS0 4 -*■ Mg(OH) a -v MgO - MgCl 2 

141. Write the equations of the reactions that can be used 
to carry out the following transformations: 

Zn —*- K g Zn0 2 ; S —>■ HjSOg 
NH 3 HN0 3 ; Cu -► CuS 

142. Which of the indicated gases enter into a chemical 
reaction with an alkali solution: HC1, H a S, NO a , N a , Cl a , 
CH 4 , SO a , NH 3 ? Write the equations of the relevant reac¬ 
tions. 

143. What salts can be obtained having at one’s disposal 
CuS0 4 , AgN0 3 , K 3 P0 4 , BaCl 2 ? Write the equations of the 
reactions and name the salts obtained. 

144. Name the following compounds: K a O a , MnO a , BaO a , 
MnO, Cr0 3 , V a 0 5 . 

145. How can we prove the amphoteric nature of ZnO, 
Al.Og, Sn(OH) a , and Cr(OH) s ? 

*4o. Is it possible to prepare a solution containing simul¬ 
taneously (a) Ba(OH) 2 and HCI; (b) CaCl 2 and Na a C0 3 ; 
(c) NaCl and AgN0 3 ; (d) KC1 and NaNO s ? Indicate what 
combinations are impossible and why. 

147. Which of the acids listed below form acid salts: HI, 
H.Se, H a Se0 3t H a C 2 0 4 , CH 3 COOH? 

148. What acids can be obtained by the direct reaction 
with water of the oxides: P a 0 5 , CO a , N a 0 5 , NO a , SO a ? 

149. With which of the substances listed below will hydro¬ 
chloric acid react: N a O s , Zn(OH) 2 , CaO, AgN0 3 , H 3 P0 4 , 
H 2 S0 4 ? Write the equations of the reactions, 
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150. Which of the following substances react with sodium 
hydroxide: HNO s , CaO, C0 2 , CuS0 4 , Cd(OH) a , P a O B ? Write 
the equations of the reactions. 

151. Write the equations of reactions illustrating the basic 
properties of FeO, Cs a O, HgO, and Bi a O*. 

152. Write the equations of reactions proving the acid 
nature of SeO a , S0 3 , Mn a 0 7 , P a O B , an <l CrO s . 

153. Write the equations of the reactions used to prepare 
magnesium chloride (a) by reacting an acid with the metal; 
(b) by reacting an acid with a base; (c) by reacting a salt 
with a salt. 

154. Write the equations of the reactions between acids 
and bases leading to the formation of the salts: NaN0 3 , 
NaHS0 4 , Na a HP0 4 , K a S, and Fe a (S0 4 ) 3 . 

155. What substances can be obtained upon the reaction 
of an acid with a salt? An acid with a base? A salt with a 
salt? Give examples of the relevant reactions. 

156. Write the formulas of the neutral and acid salts of 
potassium and calcium formed by (a) carbonic acid; (b) ar¬ 
senous acid. 

157. Name the following salts: SbON0 3 , lFe(0H) a ] a Cr0 4 , 
(AI0H)S0 4 , Cd(HS) a , Ca(H a P0 4 ) a . 

158. What substances must be reacted to produce sodium 
dihydrogen orthoantimonate, sodium metachromite, potas¬ 
sium hydrogen arsenate, and aluminium sulphate hydroxide? 
Write the equations of the reactions. 

159. Write the equations of the reactions of formation of 
Mg a P a 0 7 , Ca 3 (P0 4 ) 2 , Mg(C10 4 ) a , and Ba(N0 3 ) a as a result 
of the reaction (a) of a basic and an acidic oxide; (b) of a 
base and an acidic oxide; (c) of a basic oxide and an acid; 
(d)’ of a base and an acid. 

160. Write the equations of reactions that can be used to 
prepare the following substances in a laboratory: (a) hydro¬ 
gen chloride; (b) lead sulphide; (c) barium sulphate; (d) 
silver orthophosphate; (e) iron(III) hydroxide; (f) copper(II) 
nitrate. 

161. Giye the names of the following salts: (a) Zn(N0 3 ) a ; 
(b) NaH a Sb0 4 ; (c) K a H a P a 0 7 ; (d) Al(OH) a NO a ; (e) CaCr0 4 ; 
(f) K 3 As0 4 ; (g) Na 2 Cr a 0 7 ; (h) Ba(HS0 3 ) a ; (i) CrOHS0 4 ; 
(j) (CuOH) a C0 3 ; and (k) NaHS. 
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REVIEW QUESTIONS 

162. Which of the hydroxides indicated below can form 
basic salts? (a) Cu(OH) a ; (b) Ca(OH) a ; (c) LiOH; (d) Al(OH) s ; 
(e) KOH. 

163. What acid is P s 0 5 the anhydride of? (a) Phosphorous; 

(b) diphosphoric; (c) orthophosphoric. 

164. What acid can CI a 0 7 be considered the anhydride of? 
(a) Perchloric; (b) chloric; (c) hypochlorous. 

165. Which of the following compounds is a peroxide? 
(a) NO a ; (b) K a O a ; (c) BaO a ; (d) MnO a . 

166. In the reaction of neutralization of potassium hydrox¬ 
ide with orthoarsenic acid, the equivalent mass of the lat¬ 
ter was found to equal 142 g/mol. What salt was formed in 
the reaction? (a) Potassium orthoarsenate; (b) potassium 
hydrogen orthoarsenate; (c) potassium dihydrogen orthoar¬ 
senate. 

167. What formula corresponds to manganic acid? (a) 
HMn0 4 ; (b) H 4 Mn0 4 ; (c) H a Mn0 4 . 

168. Which of the following formulas does barium chlorate 
correspond to? (a) BaCl a ; (b) Ba(OCl) a ; (c) Ba(C10 s ) a ; 
(d) Ba(C10 4 ) a . 

169. What name corresponds to the salt (CuOH) a CO a ? 
(a) Copper carbonate hydroxide; (b) copper (I I) carbonate 
hydroxide; (c), copper(II) carbonate dihydroxide. 

170. What salt is formed in the reaction of one mole of 
zinc hydroxide and two moles of orthophosphoric acid? 
(a) Zinc orthophosphate; (b) zinc dihydrogen orthophosphate; 

(c) zinc orthophosphate hydroxide; (d) zinc hydrogen ortho¬ 
phosphate. 

171. What reaction leads to the preparation of a neutral 
salt from magnesium chloride hydroxide? (a) MgOHCl -f 
-f NaOH; (b) Mg0HC10 s + NaOH; (c) Mg0HC10 3 + 
+ HC1; (d) MgOHCl + HC1. 
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RADIOACTIVITY 


1. Electronic Structure of Atoms. 
Dependence of Element Properties 
on the Structure of Their Atoms 


In solving problems associated with the electronic struc¬ 
ture of atoms, we must proceed from the fact that any stable 
state of an electron in an atom is characterized by definite 
values of the quantum numbers n, l, m, and s. The state 
of an electron in an atom corresponding to definite values 
of the quantum numbers n, l , and m is known as an atomic 
electron orbital. 

Every atomic orbital (AO) is characterized by a definite 
distribution in space of the wave function t|> whose square 
determines the probability of finding an electron in the cor¬ 
responding region of space. Atomic orbitals corresponding to 
values of l equal to 0, 1, 2, and 3 are called s , p, d, and / 
orbitals, respectively. In graphical diagrams of the electron¬ 
ic structure of atoms, each orbital is represented by the 

symbol f | 

According to the Pauli exclusion principle, an atom can¬ 
not contain two electrons characterized by an identical set 
of quantum numbers. It follows that any atomic orbital can 
be occupied by not more than two electrons, and these must 
have different spin quantum numbers. This is depicted by 


the symbol 



An arrangement of the electrons in the AO’s in which 
the energy of the atom is minimum corresponds to the stable 
(unexcited) state of a many-electron atom. This is why the 
AO’s are filled in the order of a consecutive growth in their 
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energies (without any violation of the Pauli exclusion 
principle!). The order in which electrons fill the AO’s is 
determined by Klechkovsky’s rules, which take into account 
the dependence of the energy of an orbital on the values 
of both the principal («) and the orbital ( l ) quantum num¬ 
bers. According to these rules, the AO’s are filled by elec¬ 
trons in the order of a consecutive increase in the sum n+ 
-j-l (Klechkovsky’s first rule), and with identical values 
of this sum—in the order of a consecutive increase in the 
principal quantum number n (Klechkovsky’s second rule). 

Example 1. What sublevel is filled in an atom by electrons after 
filling of the sublevel 4p? 

Solution. The sum of n + l equal to 4 + 1 = 5 corresponds to 
the sublevel 4p. The sublevels 3d (3 + 2 = 5) and 5s (5 + 0=5) 
are characterized by the same sum of n + 1. But a smaller value of re 
(i.e. n — 3) corresponds to the state 3d than to the state 4p; conse¬ 
quently, the sublevel 3d will be filled before the sublevel 4p. Therefore, 
filling of the sublevel 4 p will be followed by filling of the sublevel 5s, 
which a value of n greater by unity (re = 5) corresponds to. 

Example 2. What sublevel will be filled after the sublevel 4s? 

Solution. The sum of»+i=4+0 = 4 corresponds to the sublev¬ 
el 4s. The sublevel 3p is characterized by the same sum of n + 1 , 
but the filling of this sublevel precedes that of the sublevel 4s because 
a higher value of the principal quantum number corresponds to the 
latter. Hence, after the sublevel 4s, a sublevel with the sum of n + l = 
= 5 will be filled; of all the possible combinations of n + l correspond¬ 
ing to this sum (n = 3, 1 = 2; n = 4, l = 1; and re = 5, l = 0), 
the first to be realized will be the one with the smallest value of the 
principal quantum number, i.e. filling of the sublevel 4s will be fol¬ 
lowed by filling of the sublevel 3d. 

The arrangement of the electrons in the AO’s within 
the limits of one energy sublevel is determined by Hund’s 
rule, according to which the arrangement of the electrons 
in the AO’s of an energy sublevel at which the absolute val¬ 
ue of the total spin of the atom is maximum corresponds to 
the minimum energy of an atom. With any other arrange¬ 
ment of the electrons, the atom will be in an excited state, 
i.e. will have a higher energy. 

Example 3. Draw up the electron configuration of the silicon atom 
and the graphical representation of the filling of this atom’s valence 
orbitals with electrons in the ground and in the excited states. 

Solution. We draw up the electron configuration of the silicon atom: 
ls*2s a 2p®3s a 3p a . The orbitals of the outer (third) electron layer, i.e. 
the 3s, 3p, and unfilled 3d orbitals, are the valence orbitals in this 
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atom. The graphical representation of how the electrons fill these 
orbitals is as follows: 


3d 


3s 1 


3p 


\L 

* 


Tr ] 




The arrangement of the electrons in the 3p sublevel is shown here in 
accordance with Hund’s rule: the total spin of the atom has a maximum 
value (1). The other possible arrangements of the electrons in the 3p 
sublevel, for instance 


3p 


3p 


LL 

m 

□ 

or 

U 

□ 

r 


correspond to a zero value of the total spin of the atom and, therefore, 
to an excited state of the atom. 

When a certain amount of energy is spent, one of the 3s electrons 
of the silicon atom can he transferred to the vacant 3 p orbital; this 
causes the energy of the atom to increase, so that the new electron 
configuration (ls*2s a 2p®3s 1 3p s ) also corresponds to one of the possible 
excited states of silicon: 


3d 


3p 


□ 

□ 

□ 

m 

rr- t t 

[I 





i * 



Electron analogues are defined as elements whose valence 
electrons are in orbitals having the same configuration for 
all these elements. Electron analogues are arranged in one 
subgroup in the periodic table of elements. 

Example 4. On what grounds are chlorine and manganese placed 
in the same group of the periodic table? Why are they in different 
subgroups? 

Solution. The electron configurations of the atoms are: 

Cl ls a 2i a 2p*3s*3p 5 
Mn 1 * a 2s a 2p e 3s a 3p 6 3<J 6 4s* 

The valence electrons of chlorine are 3s a 3p s , and of manganese—3d 6 4s 2 ; 
hence, these elements are not electron analogues and must not be 
arranged in the same subgroup. But the valence orbitals of the atoms 
of these elements accommodate the same number of electrons—7. 
On these grounds, both elements are placed in the same seventh group 
of the periodic table, but in different subgroups. 
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By the ionization energy is meant the energy that must 
he spent to detach an electron from an atom with the trans¬ 
formation of the latter into a positively charged ion. The 
ionization energy is customarily expressed in electron volts 
(eV); 1 eV corresponds to an ionization energy of 96.48kJ/mol. 

The ionization energy can be determined by bombarding 
atoms with electrons accelerated in an electric field. The 
lowest potential difference at which the velocity of an 
electron becomes sufficient for ionization of the atoms is 
known as the ionization potential of the atoms of a given 
element. The ionization potential (I) expressed in volts 
(V) numerically equals the ionization energy ( E) expressed 
in electron volts. 

When sufficient energy is spent, two, three, and more 
electrons can be detached from an atom. The first ionization 
potential corresponds to the energy of removing the first 
electron, the second—to the energy of removing the second 
electron, and so on. 

As electrons are consecutively detached from an atom, the 
positive charge of the ion formed grows. Hence, more energy 
is needed to remove each consecutive electron, so that the 
consecutive ionization potentials of an atom (7 lf / a , / 8 , . . .) 
grow. This can be seen using the beryllium, boron, and car¬ 
bon atoms as examples: 



Be 

B 

C 

h 

9.3 

8.3 

11.3 

h 

18.2 

25.2 

24.4 

I* 

253.9 

37.9 

47.9 


The ionization potential grows especially sharply, when an 
electron is detached having a principal quantum number 
smaller than that of the preceding electron. For instance 
for Be (ls 2 2s 2 ), the difference between and I t is much small¬ 
er than that between / a and / 8 . This is associated with the 
greater energy needed to remove the third electron, which 
unlike the two preceding ones is closer to the nucleus. 

The ionization potential grows with an increase in the 
charge of the nucleus and a decrease in the atomic or ionic 
radius, other conditions being equal. From this angle of view, 
a tendency of an increase in the ionization potential should 
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be observed in a period with a growth in the charge of a 
nucleus (when an electron is removed having the same prin¬ 
cipal quantum number). Indeed, the values of and / 4 
for Be are lower than the corresponding values for C. 

But besides this, the ionization potential depends on the 
electron configuration of an atom or ion. Particularly, com¬ 
pletely or half filled sublevels have an increased stability. 
It follows from a comparison of the electron configurations 
of the atoms being considered 


Be 1s 2 2s j 


Bls i 2s i 2p l Cls J 2s 2 2p* 


2sJ 


2p . , 

2sl 

2p 
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t* 


2P 

TTT 



that the electron configuration of the Be atom is most stable 
(the 2s sublevel is completely filled); this is why more energy 
goes to ionize it. In boron, notwithstanding the growth in 
the charge of its nucleus, the detachment of p electrons 
requires less energy. 


PROBLEMS 

172. How many values of the magnetic quantum number m 
are possible for the electrons of an energy sublevel whose 
orbital quantum number is l = 2? 1 = 3? 

173. What maximum number of electrons can an atom 
contain in an electron layer with the principal quantum 
number n = 4? 

174. Use Klechkovsky’s rule to determine the order of 
filling electron orbitals for which the sum of n and l is (a) 5, 
(b) 6, and (c) 7. 

175. Indicate the atomic number of the element in which 

(a) filling of the id orbitals by electrons is completed, and 

(b) filling of the ip sublevel begins. 

176. What sublevel is filled in atoms after the sublevel 
5s? 


4-1022 
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177. In what element does filling of the sublevel 4/ begin? 
In what element is the filling of this sublevel completed? 

178. What sublevel is filled in atoms after filling of the 
sublevel 5p? After filling of the sublevel 5 d? 

179. Write the electron configurations of atoms of ele¬ 
ments with a nuclear charge of (a) 8, (b) 15, (c) 18, (d) 23, 

(e) 53, (f) 63, and (g) 83. Show the filling of the valence orbi¬ 
tals of these atoms by electrons graphically. 

180. Indicate which of the following electron configura¬ 
tions axe impossible and explain why they cannot be real¬ 
ized: (a) Ip 3 , (b)3 p\ (e) 3s a , (d)2s*, (e) 2 d\ (f) 5 d\ (g) 3/ 1 *, 
(h) 2p 4 , and (i) 3p 7 . 

181. How many vacant 3d orbitals do the excited atoms 
of the following elements have? (a) Cl, (b) V, and (c) Mn. 

182. How many unpaired electrons are there in the unex¬ 
cited atoms of (a) B, (b) S, (c) As, (d) Cr, (e) Hg, and 

(f) Eu? 

183. Represent the electron configurations of the Fe 2+ and 
Fe 3 * ions graphically. How can the high stability of the 
electron configuration of the Fe 8+ ion be explained? 

184. Indicate the features of the electron configurations of 
copper and chromium atoms. How many 4 s electrons do un¬ 
excited atoms of these elements contain? 

185. The configuration of the valence electron layer of 
an atom of an element is (a) 5s a 5p 4 , and (b) 3d 6 4s*. Determine 
the atomic number and name of the element. 

186. The electron configuration of a certain atom is 
ls 2 2i 2 2p fl 3s*3p 8 3d 8 4s 2 . What is the element? 

187. Write the electron configurations of the ions 
(a) Sn a+ , (b) Sn 4+ , (c) Mn a+ , (d) Cu a+ , (e) Cr 3+ , and (f) S 3 -. 

188. In elements of what periods are the. outer layer 
electrons characterized by a value of n + l.— 5? 

189. List the electron analogues among the elements of 
Group VI of the periodic table. Write in a general form the 
electron configurations of the valence electron sublevels in 
atoms of these elements. 

190. On what grounds are chromium and sulphur, phos¬ 
phorus and vanadium placed in one group of the periodic 
table? Why are they in different subgroups? 

191. Why does copper have a smaller atomic volume than 
potassium placed in the same group and the same period? 
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192. The values of the consecutive ionization potentials 
for a carbon atom (in V) are: /j = 11.3, / 2 = 24.4, I a = 
= 47.9, J 4 = 64, and / e == 392. Explain (a) the behaviour 
of the change in the ionization potentials, and (b) the reason 
of the sharp jump from / 4 to I b . 

193. The ionization energies of the noble gas atoms (in 
eV) are: He-24.6, Ne-21.6, Ar-15.8, Kr-14.0, Xe-12.1, 
and Rn—10.8. Explain the behaviour of the change in the 
ionization energy in this subgroup. 

194. The values of the first ionization potentials of 
Group I elements are (in V): Li—5.4, Cs—3.9, Cu—7.7, and 
Ag—9.2. Indicate (a) in the elements of what subgroup of 
Group I the metallic properties are more pronounced, and (b) 
how the different behaviour of the change in the values of the 
ionization potentials in the subgroups can be explained, 

195. Is the ionization energy of a cesium atom and a lithi¬ 
um atom in which the valence electron was preliminarily 
excited to the 6s sublevel the same? Substantiate the answer. 

196. How does the value of the first ionization potential 
of second period elements change with a growth in their 
atomic number? How can the fact be explained that the first 
ionization potential of the Be atom is higher than that of 
the Li and B atoms? 

197. Explain the behaviour of the change in the ioniza¬ 
tion energy (in eV) in the row Mg-Al-Si: 



Mg 

A1 

Si 

h 

7.6 

fl.O 

8.2 

h 

15.0 

18.8 

16.3 

I, 

80.1 

28.4 

33.5 


REVIEW QUESTIONS 

198. What is the physical meaning of the atomic orbitals 
generally depicted as follows? 

s C3 and p 

(a) A surface of equal electron density confining an arbitrary 
part of the electron cloud; (b) the trajectory of an electron; 


4 * 
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(c) a surface confining the electron cloud; (d) a surface of 
equal electron density confining a definite part of the elec¬ 
tron cloud. 

199. How does the energy of an electron in a many-elec- 
tron atom depend on the orbital quantum number at a con¬ 
stant value of the principal quantum number? (a) It in¬ 
creases with a growth in l; (b) it diminishes with a growth 
in 1; (c) it remains constant. 

Because (l)the dimensions of the electron cloud are deter¬ 
mined only by the value of the principal quantum number 
(n); (2) at the same value of n electrons with a greater value 
of l are screened to a greater extent by the inner electrons; 
(3) with an increase in l the degree of degeneration of a sub- 
level grows. 

200. How do the values of the first ionization potentials 
change in the row of elements Li, Be, B, C, N, 0, F, and 
Ne? (a) They grow; (b) they diminish; (c) they change 
irregularly, but have a tendency of growing. 

201. In atoms of what element is the first ionization po¬ 
tential higher—of beryllium or boron? (a) Of Be; (b) of B. 

Because (1) in passing from Be to B the charge of the 
nucleus grows; (2) electron configurations with a completely 
filled sublevel have an increased stability; (3) when passing 
from Be to B the dimensions of an atom decrease. 

202. Which of the following electron configurations of the 
ground state of an atom is correct? 


d 
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(d) 



Because (1) in cases... Hund s rule is violated; (2) in 
cases... the Pauli exclusion principle is violated; (3) in 
cases... the energy of the atom is not minimum. 

2. Structure of Atomic Nuclei. 

Radioactivity. Nuclear Reactions 

The chemical symbols in this section stand not for atoms 
of the relevant elements, but for their nuclei. The subscript 
indicates the charge of the nucleus numerically coinciding 
with the atomic number of the element in the periodic table, 
and the superscript indicates the mass number A — Z + N, 
where Z is the number of protons (p) in the nucleus determin¬ 
ing the charge of the latter, and N is the number of neu¬ 
trons (n) in the nucleus. The nuclei of all the atoms of a 
given element have the same charge, i.e. contain the same 
number of protons; the number of neutrons may differ. 

Atoms having an identical charge of their nuclei, but 
different mass numbers, are called isotopes (for instance, 
"Cl and ”C1). 

Atoms having the same mass numbers, but a different 
number of protons in their nuclei, are called isobars (for 
instance, “K and "Ca). 

Example 1. The symbol of an isotope of an element is 9 jJgE. Indi¬ 
cate (a) the name of the element; (b) the number of neutrons and pro¬ 
tons in its nucleus; and (c) the number of electrons in the electron shell 
of the atom. 

Solution. The charge of the nucleus in an atom of the required 
element, i.e. 92, numerically coincides with the number of the ele¬ 
ment in the periodic table. Element No. 92 is uranium, its symbol 
is U. 

The number of neutrons in the given nucleus is N — A — Z — 
«* 238 - 92 = 146. 

The number of electrons in an atom equals the charge of its nucleus; 
in our case the number of electrons is 92. 

By radioactivity is meant the spontaneous transformation 
of an unstable isotope of one chemical element into an iso- 
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tope of another element attended by the emission of ele¬ 
mentary particles or nuclei. 

The half-life Ty 2 is the time needed for half of the original 
amount of a radioactive isotope to decay. During the first 
half-life, one-half of the initial number of isotope nuclei 

N 0 decays, and there remain ~N a — 2- X N 0 nuclei. During 
the second half-life, one-half of 2~ 1 JV 0 nuclei decays, and 
there remain j X 2~ 1 N 0 = 2~ 2 N 0 nuclei, and so on. At the 

end of the nth half-life, 2~ n N 0 nuclei of the initial isotope 
remain. A similar expression holds, for the mass (m) of the 
undecayed isotope: m = 2~ n m 0 , where m a is the initial mass 
of the isotope. 

Example 2. The half-life of a radioactive isotope is three hours. 
What mass of it remains undecayed in 18 hours if the initial mass of 
the isotope was 200 g? 

Solution. The number of half-lives that elapsed during the storage 
time of the radioactive isotope was 18/3 = 6. Hence, the mass of the 
undecayed isotope remaining after 18 hours of storage is: 

m=2- n ro o =2-«X20O=-^-=3.125 g 

The main kinds of radioactive decay include a decay, 

and P + decay, electron capture, and spontaneous fission. 
These kinds of radioactive decay are often attended by the 
emission of gamma rays, i.e. of hard (with a small wave¬ 
length) electromagnetic radiation. 

Alpha Decay. An alpha particle is a nucleus of the 
helium atom *He. A nucleus emitting an alpha particle 
loses two protons and two neutrons, consequently, the charge 
of the nucleus diminishes by 2, and its mass number by 4. 
The daughter nucleus belongs to an element having an atom¬ 
ic number two less than the parent element: £E JHe + 
+ 

Electron (P~) Decay. A P“ particle is an electron. Electron 
decay is preceded by the process \n _\e~ + \p occur¬ 
ring in the nucleus. Hence* upon the emission of an elec¬ 
tron, the charge of the nucleus grows by one, while the 
mass number does not change. The daughter nucleus is an 
isobar of the parent and belongs to an element whose atomic 
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number is one greater than that of the parent element: 
A zE->_\e-+ fE'. 

Positron (P + ) Decay. A (S + particle, a positron («+), has 
the mass of an electron and a charge equal to that of an elec¬ 
tron, but of the opposite sign. Positron decay is preceded by 
the nuclear process {p Jn -f ?e + . The number of protons 
in a nucleus in positron decay diminishes by one, while the 
mass number does not change. The daughter nucleus is an 
isobar of the parent and belongs to an element whose atomic 
number is one less than that of the parent element: zE -*■ 
-> ?e + + z_lE\ 

Electron Capture. When a nucleus captures an electron 
from the K layer that is the closest to the nucleus, the num¬ 
ber of protons in the nucleus decreases because of the process 
ip + \e~ — Jra. The charge of the nucleus diminishes by 
one, while the mass number remains unchanged. The daugh¬ 
ter nucleus belongs to an element (an isobar of the parent 
one) whose atomic number is one less than that of the parent 
element: zE + z-1 E' + hv. 

When a periphery electron passes over to the vacant place 
in the K layer, energy is evolved in the form of a quantum 
of X-ray radiation. 


Example 3. Complete the following equations of radioactive 
decay: 


(a) 2 SJTh -^5 (b) *«’Np 


(d) f,K 


K capture 
-- > 


(c) j?Co 


Solution * 

(a) «STh |He+»|fRa; (b) *$fNp - _\r+ *ffPu; 

(c) |jCo - i« + +|SFe; <d) tgK + _f<r i^T+hy 

Equations of nuclear reactions (including those of radio¬ 
active decay) must obey the rule that the sum of the mass 
numbers of the reactants should equal that of the products 
(the equality of the superscripts), no account being taken 
of the masses of electrons, positrons, and photons, and the 
rule that the sum of the charges of the reactants must equal 
that of the products (the equality of the subscripts). 
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Example 4. Complete the equations of the following nuclear 
reactions: 


(a) ‘JCr+ID (b) ^F+Jp ... + 7 

Solution. 

(a) We write the equation of the reaction in the form: 


5JCr+|D + & + $ E 

For the superscripts, we have 53 -f 2 = 1 -|- A, whence A — 53 4 . 
+ 2 — i = 54. For the subscripts, we have 24 + 1 — 0 -f Z, whence 
Z ” 25* 

The nucleus ||E formed is a manganese isotope. The completed 
equation of the reaction is: 

}JCr+?D In+ftMn 

A concise form of writing an equation of a nuclear reaction is: 
parent nucleus [bombarding particle, emitting particle] daughter 
nucleus. Consequently, the above equation becomes 

||Cr [D, n] |£Mn 

(b) »F+}p + ^E + gv 


For the superscripts: 19 -f- i == A -f 0; A — 20. 
For the subscripts: 9 + 1 = Z -f 0; Z = 10. 

The daughter nucleus JgE is a neon isotope. 

The complete equation of the nuclear reaction is 

iJF+lp -> JJNe-f Y 

The concise form of the equation is I |F[p, ylJgNe. 


PROBLEMS 

203. The symbol of an isotope of an element is “E. Indi¬ 
cate (a) the name of the element, (b) the number of protons 
and neutrons in the nucleus, and (c) the number of electrons 
in the electron shell of the atom. 

204. The nucleus of an atom of an element contains 16 
neutrons, and the electron shell of the atom—15 electrons. 
Name the element whose isotope the given atom is. Write 
its symbol indicating the charge of the nucleus and the 
mass number. 

205. The mass number of an atom of an element is 181, 
and the electron shell of the atom contains 73 electrons. Indi¬ 
cate the number of protons and neutrons in the nucleus of 
the atom and name the element. 

206. Natural chlorine compounds contain chlorine in the 
form of the isotopes SB C1 [75.5% (mass)] and 37 C1 [24.5% 
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(mass)]. Calculate the average atomic mass of natural chlorine. 

207. Natural magnesium consists of the isotopes M Mg, 
2S Mg, and 26 Mg. Calculate the average atomic mass of natural 
magnesium if the content of the individual isotopes in 
atomic per cent is 78.6, 10.1, and 11.3, respectively. 

208. Natural gallium consists of the isotopes 71 Ga and 
69 Ga. In what quantitative ratio are the numbers of atoms 
of these isotopes if the average atomic mass of gallium is 
69.72 amu? 

209. Find the mass of the isotope 81 Sr (r,/ 2 — 8.5 h) re¬ 
maining after 25.5 hours of storage if its initial mass was 
200 mg. 

210. Find the percentage of the atoms of the isotope 
m I (T i/ 9 = 25 min) remaining after its storage for 2.5 hours. 

211. The half-life of the p + radioactive isotope M Na is 
14.8 hours. Write the equation of the decay reaction and 
calculate how many grams of the daughter product are 
formed from 24 g of M Na during 29.6 hours. 

212. Complete the following equations of radioactive de¬ 
cay reactions: 

(b) *HU A (e) *fJPu A 

o- p- 

(e) *fpTh (f) ”Mn 

3 + 3 + 

(h) *1C —(i) S|Ti 

In what cases is the daughter atom an isobar of the parent 
atom? 

213. What kind of radioactive decay is observed in the 
following transformations? (a) *,jRa -> “pin; (b) 2 |JNp -> 
-I’JPu; (C) “*Sm *^Nd; (d) »“Pd-».“A*. 

214. Write the equations of the nuclear reactions: (a) 
UNi + *H-> ? -»• ? + In; (b) 19 B + \n -> ? + JHe; (c) 
SA1 + fH - ? + jHe; (d) ? + ]H -> 8 4Br -* ? + \n. 

215. Write the complete equations of the following nuclear 

reactions: (a) ™Zn Ip, n]?; (b) p 3 V [a, n]?; (c) 9 |Fe[D, ?]|]Co; 
(d) ? la, D)"C1; (e) [?, a] f 2 V. 

216. How will the mass number and the charge of an iso¬ 
tope atom change (a) in the consecutive emission of an a 
particle and two p~ particles, (b) upon the absorption of two 


(a) *||U ->: 
(d) i?Rb 
(g) W-*; 
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protons by the nucleus and the emission of two neutrons, 
and (c) upon the absorption of one alpha particle and the 
emission of two deuterons? 

217. How many a and P“ particles must a a2 *Ra nucleus 
lose to obtain a daughter element with a mass number of 
206 belonging to Group IV of the periodic table? Name this 
element. 

218. An atomic nucleus of the isotope *JIU transformed 
into a s jjjRa nucleus as a result of radioactive decay. How 
many a and p - particles did the parent nucleus emit? 

REVIEW QUESTIONS 

219. The isotope *°K transforms into the isotope 40 Ca. 
What kind of radioactive decay occurs in this case? (a) Alpha 
decay; (b) j5" decay; (c) p + decay; (d) electron capture; (e) spon¬ 
taneous fission. 

220. What kind of radioactive decay leads to the forma¬ 
tion of a daughter nucleus that is an isobar with respect to 
the parent nucleus? (a) Alpha decay; (b) {J“ decay; (c) P + 
decay; (d) electron capture; (e) none of these processes. 

221. How do the mass number and charge of an atom 
change upon the emission of one a particle and two P~ 
particles? (a) The charge diminishes by 2, and the mass 
number by 4; (b) the charge grows by 2, while the mass 
number diminishes by 4; (c) the charge does not change, 
while the mass number diminishes by 4; (d) neither the 
charge nor the mass number changes. 

222. A photon of hard gamma radiation knocks a proton 
out of a a JMg nucleus. What is formed is (a) the isotope nu¬ 
cleus J!Mg; (b)the isobar nucleus fjMg; (c) the isotope nucleus 
JJNa; (d) the isobar nucleus ”Na. 

223. What radioactive family does the isotope a07 Pb be¬ 
long to? (a) 282 Th; (b) a37 Np; (c) a27 Ac; (d) 2S8 U. 

224. Can the isotope aaa Rn with a half-life of 3.2 days be 
found in nature? (a) Yes; (b) no. 

Because (1) the half-life of this isotope is much less than 
the age of the Earth; (2) this isotope is a member of a radio¬ 
active family; (3) radon has longer-living isotopes. 
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THE CHEMICAL BOND 


1. Kinds of Chemical Bond. Ways of Forming 
a Covalent Bond 

The description of the chemical bond in any molecule is in 
essence a description of the distribution of the electron den¬ 
sity in it. According to the nature of this distribution, co¬ 
valent, ionic, and metallic* bonds are traditionally dis¬ 
tinguished. 

A covalent bond is a chemical bond between two atoms 
formed by a pair of electrons shared by these atoms (H s , 
Cl 2 , etc.). 

An ionic bond is the result of electrostatic interaction 
of oppositely charged ions having separate electron shells 
(Cs+F - , Na+Cl~, etc.). 

A purely ionic bond is only an extreme case. In the over¬ 
whelming majority of molecules, the chemical bonds have a 
nature that is intermediate between purely covalent and 
purely ionic bonds. They are polar covalent bonds formed by 
a pair of electrons shared by two atoms and displaced to¬ 
wards the nucleus of one of the participating atoms. If this 
displacement is not great, the bond approaches a purely 
covalent one in its nature. The greater this displacement, 
the closer is a bond to a purely ionic one. 

To assess the ability of an atom of a given element to 
attract electrons towards itself that are responsible for 
bond formation, the value of the relative electronegativity 
(%) is used. The higher the electronegativity of an atom, the 
stronger does it attract the shared electrons. In other words, 
when a covalent bond is formed between two atoms of dif¬ 
ferent elements, the shared electron cloud shifts towards the 
atom with the higher electronegativity, and to a greater 


* A metallio bond is realized in metals. This kind of bend Is 
treated in studying metals, 
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extent -when the difference between the electronegativities 
(Ax) of the two atoms is higher. Consequently, a growth in 
Ax is attended by an increase in the ionic nature of a bond. 
The values of the electronegativities for atoms of selected 
elements relative to that of fluorine taken equal to 4.0 are 
given in Table 1. 

Table 1 

Relative Electronegativities of Selected Atoms 

H ’ 

2.1 


Li 

Be 

B 

c 

N 

O 

F 

0.98 

1.5 

2.0 

2.5 

3.07 

3.5 

4.0 

Na 

Mg 

A1 

N 

P 

S 

Cl 

0.93 

1.2 

1.6 

1.9 

2.2 

2.6 


K 

Ca 

Ga 

Ge 

As 

Se 

Br 

0.91 

1.04 

1.8 

2.0 

2.1 

2.5 

2.8 

Rb 

Sr 

In 

Sn 

Sb 

Te 

I 

0.89 

0.99 

1.5 

1.7 

1.8 

2.1 

2.6 


Example 1. Calculate the difference between the relative electro* 
negativities of the atoms for the bonds H —0 add O—E in the com¬ 
pounds E(OH) a , where E is Mg, Ca, or Sr, and determine (a) which 
of the bonds H—0 or 0—E is closer to an ionic one in each molecule, 
and (b) what is the nature of the ionization of these molecules in an 
aqueous solution. 

Solution. We use Table 1 to calculate the difference between the 
relative electronegativities for the bonds 0—E: Ax(Mg—O) = 3.5 — 

- 1.2 = 2.3, A%(Ca—O) = 3.5 - 1.04 = 2.46, ancf Ax(Sr-O) = 
= 3.5 — 0.99 = 2.51. The value of A% for the bond 0—H is 3.5 — 

- 2.1 = 1.4. 

Thus (a) in all the molecules considered, the bond E—0 is more 
polar, i.e. is closer to an ionib one, and (b) ionization in aqueous solu¬ 
tions will occur along the most ionic bond in accordance with the 
equation E(OH). — E* + + 20H~; consequently, all the compounds 
will ionize like bases. 

Two approaches can he used for a quantum-mechanical 
description of a covalent bond and the structure of mole¬ 
cules: the method of valence bonds and the method of mole¬ 
cular orbitals. 
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The method of valence bonds (the VB method) is based 
on the following propositions: 

1. A covalent chemical bond is formed by two electrons 
with antiparallel (opposite) spins and belonging to two atoms. 

Such a shared electron pair can be formed either as the re¬ 
sult of the pairing of two unpaired electrons belonging to 
different atoms (the usual mechanism of bond formation), or 
at the expense of a pair of electrons of one atom—the donor— 
and a vacant orbital of a second atom—the acceptor (the 
donor-acceptor mechanism of bond formation). 

2. The strength of a covalent bond grows with an increas¬ 
ing degree of overlapping of the interacting electron clouds. 
Hence, a covalent bond is formed in the direction in which 
this overlapping is the greatest. 

Example 2. Explain the mechanism of formation of the SiF 4 
molecule and the SiFJ~ ion. Can the CFJ~ ion exist? 

Solution. The electron configuration of [a silicon atom is 
l« 1 2t t 2p*3< 1 3p*. The electron structure of its valence orbitals in the 
unexcited state can be represented as follows: 


3d 



When excited, a silicon atom passes over to the state i* l 2**2p , 3f 1 3p t , 
and the electron structure of its valence orbitals can be represented 
as follows: 



The four unpaired electrons of the excited atom can participate 
in the formation of four covalent bonds according to the usual mecha¬ 
nism with fluorine atoms (ls s 2**2p‘) each having one unpaired electron, 
with the production of the SiF. molecule. 

To form the SiFJ- ion, two F- ions (l**2i*2p'), all of whose valence 
electrons are paired, must be attached to the SiF* molecule. The bond 
is a donor-acceptor one at the expense of a pair of electrons of each of 
the fluoride ions and two vacant 3d orbitals of the silicon atom. 




6$ Problems and Exercises in General Chemistry 


Carbon (ls*2s*2j? a ) can form the compound CF, similar to SiF„ 
but the valence possibilities of carbon will be exhausted (there are 
no unpaired electrons, unshared electron pairs, and no vacant orbitals 
at the valence level). The CFg~ ion cannot be formed. 

Example 3. How will the strength of the bond H—E change in 
the series H,O-H,S-H,S 0 -H,Te? 

Solution. In this series, the dimensions of the valence electron 
clouds of the elements (0, S, Se, and Te) grow, which diminishes 
the degree of their overlapping with the electron cloud of a hydrogen 
atom and leads to an increasing remoteness of the region of overlapping 
from the nucleus of the atom of the relevant element. This weakens 
the attraction of the nuclei of the interacting atoms to the region of 
overlapping oi the electron clouds, i.e. to weakening of the bond. 
The increasing screening of the nuclei of the elements being considered 
in the series O-S-Se-Te owing to an increase in the number of inter¬ 
mediate electron layers leads jto the same result. Consequently, the 
strength of the bond H—E diminishes when going from oxygen to 
tellurium. 

The method of molecular orbitals is based on the assump¬ 
tion that the state of the electrons in a molecule can be 
described as a collection of molecular electron orbitals 
(molecular electron clouds), with a definite set of molec¬ 
ular quantum numbers corresponding to each molecular 
orbital (MO). As in any other many-electron system, the 
Pauli exclusion principle remains in force for a molecule. 
Therefore, each MO can accommodate not over two electrons 
that must have opposite spins. Hund’s rule also holds, 
according to which a distribution of the electrons between 
energy-equivalent orbitals such that the absolute value of 
the total spin of the molecule is maximum corresponds 
to the minimum energy of a molecule. If an MO has un¬ 
paired electrons, the molecule is paramagnetic, and if all 
the electrons are paired, it is diamagnetic. 

In a particular case, the molecular electron cloud can 
be concentrated near one of the atomic nuclei in the mole¬ 
cule; such an electron virtually belongs to one atom and 
does not participate in the formation of a bond. These 
MO's are called antibonding; they correspond to the AO’s 
of isolated atoms in their energy. 

If the predominating part of an electron cloud belongs to 
two or several nuclei, this corresponds to the formation of 
two- or multiple-centre bonds, respectively. In such cases, 
the molecular wave function can be represented as a linear 
combination of the atomic wave functions of the interacting 
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electrons (the method of linear combination of atomic 
orbitals—the MO LGAO method). 

If two AO's combine (for instance, the Is AO’s of two 
hydrogen atoms), two MO’s form that differ in their energy 
from the original AO’s; one of them corresponds to a low¬ 
er energy of the electrons (a bonding MO), and the other 
to a higher energy of the electrons (an antibonding MO) 
in comparison with their energy in the AO’s. 

In the general case, n initial AO’s form n MO’s. A chem¬ 
ical bond appears between atoms when the number of elec¬ 
trons in tne bonding MO's exceeds their number in the 
antibonding MO’s. By the multiplicity (order) of a bond in 
the MO method is meant the half-difference of the number of 
bonding and the number of antibonding electrons. A single 
bond corresponds to two bonding electrons not compensated 
by antibondfrig electrons. 

The higher the multiplicity of a bond, the smaller is its 
length and the higher is the bond dissociation energy. 

Example 4. Explain from the standpoints of the MO method the 
possibility of the existence of the molecular ion Hej and the impossi¬ 
bility of the existence of the molecule He.. 

Solution. The molecular ion Hef has three electrons. The energy- 
level diagram showing the formation of this ion, with account taken 
of the Pauli exclusion principle, is as follows: 

AO MO AO 

fits HeJ He + 

o»*»ls 

o ns 

The bonding orbital accommodates two electrons, and the antibonding 
orbital, one. Hence, the bond multiplicity in this ion is 0.5, and it 
must be stable with respect to its energy. 

Conversely, the He, molecule must be unstable as regards its energy 
because of the four electrons that have to be accommodated on the 
MO’s, two will occupy a bonding MO and two, an antibonding one. 
Consequently, the formation of an He, molecule will not be attended 
by the liberation of energy. The multiplicity of a bond in this case is 
zero—no molecule forms. 
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A diagram showing the formation of MO’s with the par¬ 
ticipation of the 2 p orbitals of two identical atoms is given 
in Fig. 1. A glance at the figure shows that the six p orbit¬ 
als produce six MO’s: three bonding and three antibonding. 
One bonding and one antibonding MO’s belong to the sigma 
type: they are formed by the interaction of p orbitals whose 
electron clouds are oriented along the bond axis (MO’s 

Atomic Molecular Atomic 

orbitals orbitals orbitals 


° ab V 



Fig. 1. Energy-level diagram showing the formation of MO’a when 
the 2 p orbitals of two identical atoms interact 

produced from s AO’s also belong to this type). Two bonding 
and two antibonding MO's are formed by the interaction of 
p orbitals whose electron clouds are oriented at right angles 
to the bond axis; these orbitals belong to the pi type. 

Example 5. Which of the molecules B a and has a higher energy 
i ( /dissociation into atoms? Compare the magnetic properties of these 
molecules. 

Solution. We draw energy-level diagrams showing the formation 
of B. and C. molecules (Fig. 2). The difference between the number of 
bonding ana the number oi. antibonding electrons in the B a molecule 
can be seen to be two, and in the C s molecule, four. This corresponds 
to a bond multiplicity of 1 and 2, respectively. Consequently, the C, 
molecule having a higher multiplicity of the bond between the atoms 
must be more stable. This conclusion corresponds to the experimental¬ 
ly established values of the energy of dissociation into atoms of the 
molecules B, (276 kJ/mol) and C a (605 kJ/mol). 
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In the B s molecule, two electrons are arranged, according to Hund’s 
rule, in two n*>2p orbitals. The presence of two unpaired electrons 
imparts paramagnetic properties to this molecule. In the C 8 molecule, 
all the electrons are paired, consequently, this molecule is diamagnetic. 


AO's MO's AO's 

B B 2 B 

o ab 2p 

A 

/«‘ b 2p \ 

2p -4- ( - \-2p 

•4 _/ " b 2p 

K ° " >4i 

'■4K' 

ot>is 


AO’s MO’s AO’s 

C C 2 C 

o ab 2p 

A 

\ x -;/ 
o ab 2s x 




a b 2s 


4i 2s 


Fig. 2. Energy-level diagrams showing the formation of B, and 
C a molecules 


Iq heteronuclear (formed of different elements) diatomic 
molecules, the bonding MO’s in their energy are close to 
the orbitals of the more electronegative atom, and the anti¬ 
bonding MO’s are close to the AO’s of the less electronegative 
atom. 

Example 6. How are the electrons distributed between the MO’s 
in the CN molecule and in the CN~ molecular ion formed according 
to the equation C~N CN - ? In which of these particles is the 
bond length smaller? 

Solution. After drawing energy-level diagrams showing the forma¬ 
tion of the particles being considered (Fig. 3), we arrive at the conclu¬ 
sion that the multiplicity of the bond in CN and CN- is 2.5 and 3, 
respectively. The CN - ion in which the multiplicity of the bond be¬ 
tween the atoms is greater has the smaller bond length. 


5-1022 
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Fig. 3. Energy-level diagram showing the formation of the CN 
molecule and the molecular ion CN" 


PROBLEMS 

225. The ionization energy of fluorine and chlorine atoms 
is 17.4 and 13.0 eV, respectively, while their energy of affini¬ 
ty to an electron is 3.45 and 3.61 eV. For which of these 
elements is the formation of ionic compounds more charac¬ 
teristic? Indicate the sign of the charge on the halide ions 
in these compounds. 

226. Indicate the type of chemical bond in the molecules 
H 2 , Cl 2 , and HCI. Draw a diagram of electron cloud over¬ 
lapping. 

227. Using the table of relative electronegativities, cal¬ 
culate their diflerence for the bonds K—Cl, Ca—Cl, Fe—Cl, 
and Ge—Cl. Which of the bonds is most ionic? 

228. What is the nature of the bond in the molecules 
NC1 3 , CS 2 , IC1 5 , NF 3 , OF 2 , CIF, and C0 2 ? Indicate for each 
of them the direction of displacement of the shared electron 
pair. 

229. Write the electron dot formula of the chloroform mol¬ 
ecule CHC1 3 and indicate (a) which bond is the most polar, 
and (b) in what direction the electron cloud of this bond is 
displaced. 

230. Calculate the difference between the relative electro¬ 
negativities of atoms for the bonds H—0 and 0—Hal (where 
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Hal is Cl, Br, or I) in the compounds HOHal and determine 

(a) which of the bonds in each molecule is more ionic, and 

(b) the nature of the dissociation of the molecules in an aque¬ 
ous solution. 

231. Calculate the difference between the relative electro¬ 
negativities of the atoms for the bonds H—0 a,nd 0—As. 
Which of the bonds is more polar? What class of hydroxides 
does As(OH ) 8 belong to? 

232. How does the bond strength change in the series 
HF-HCl-HBr-HI? Indicate the reasons for these changes. 

233. Describe the electron configuration of the BF 8 mol¬ 
ecule and the BFj ion from the standpoint of the VB method. 

234. Compare the methods of covalent bond formation in 
the molecules CH 4 , NH 3 , and in the ion NHJ. Can the ions 
CH 5 and NH* + exist? 

235. What atom or ion is the donor of an electron pair in 
the formation of the BH* ion? 

236. Explain from the standpoint of the VB method the 
ability of the oxides NO and NO* to form dimeric molecules. 

237. Explain from the standpoint of the VB method the 
possibility of the formation of the C a N a molecule. 

238. Describe the electron configuration of the CO and 
CN molecules from the standpoints of the VB and MO meth¬ 
ods. Which of these molecules is characterized by a greater 
bond multiplicity? 

239. Consider from the standpoint of the MO method the 
possibility of formation of the B a , F a , and BF molecules. 
Which of them is the most stable? 

240. Why can no stable molecules Be a and Ne a exist? 

241. How do the bond length, the dissociation energy, and 
the magnetic properties change in the series 0 j _ - 02 - 0 a - 0 |? 
Motivate your answer. 

242. Which of the particles NO + , NO, or N0~ has the 
smallest bond length? 

243. Explain from the standpoint of the VB and MO 
methods the change in the dissociation energy (kJ/mol) of the 
molecules in the series F a (155)-O a (493)~N a (945). 

244. The dissociation energy of the N a and CO molecules 
is 945 and 1071 kJ/mol, respectively. Explain the closeness 
of these values from the angles of view of the VB and MO 
methods. 


5 * 
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REVIEW QUESTIONS 

245. What is the covalence of carbon in the CO molecule? 

(a) Two; (b) three; (c) four. 

Because (1) an unexcited carbon atom has two unpaired 
electrons; (2) the carbon atom can be an acceptor of an elec¬ 
tron pair; (3) the carbon atom has four valence electrons. 

246. Can a reaction occur between HF and SiF 4 ? (a) Yes; 

(b) no. 

Because (1) the HF molecule is polar, and the SiF 4 mole¬ 
cule is not polar; (2) both molecules have no unpaired elec¬ 
trons; (3) the number of valence orbitals of silicon is greater 
than four, and part of them are not occupied by valence 
electrons; (4) the number of valence electrons of silicon is 
four; (5) the HF molecule can play the role of an electron 
pair donor. 

247. What magnetic properties does the 0* molecule 
have? (a) Diamagnetic; (b) paramagnetic. 

Because (1) the O a molecule contains an even number of 
electrons; (2) the total spin of the O a molecule differs from 
zero. 

248. What is the bond multiplicity in an NO molecule? 
(a) Two; (b) two and a half; (c) three. 

Because (1) the number of bonding electrons in the pi orbit¬ 
als is four; (2) the number of bonding electrons is five great¬ 
er than that of antibonding electrons; (3) the nitrogen atom 
has three unpaired electrons. 

249. Which of the particles listed below is paramagnet¬ 
ic? (a; N a ; (b) 0 2 ; (c) NO; (d) CO; (e) CN. 

250. Which of the particles listed below cannot exist 
in a stable state from the standpoint of the MO theory? 
(a) H£; (b) H a ; (c) H 2 ; (d) He*; (e) HHe. 


2. Molecular Polarities. 

Geometrical Structure of Molecules 

In the formation of a polar covalent bond, the shifting 
of the shared electron cloud leads to the density of the. 
negative electrical charge being higher near the more elec¬ 
tronegative atom and lower near the less electronegative 
one. As a result, the first atom acquires a surplus negative 
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charge, and the second one—a surplus positive charge of 
the same magnitude. Such a system of two charges equal 
in magnitude, opposite in sign, and at a definite distance 
from each other is called an electric dipole. 

The strength of the field set up by a dipole is propor¬ 
tional to the dipole moment of a molecule, which is the 
product of the magnitude of the charge of an electron q 
(1.60 x 10~ 19 C) and the distance l between the centres 
of the positive and negative charges in the dipole: 
fi = ql. 

The dipole moment of a molecule is a quantitative measure 
of its polarity. The dipole moments of molecules are usual¬ 
ly measured in debyes (D). 1 D = 3.33 x 10 -30 C*m. 


Example 1. The length of the dipole of an HCl molecule is 0.22 X 
X 10 -8 cm. Calculate the dipole moment of the molecule. 

Solution, q — 1.60 X 10*“ C, l = 0.22 X 10-« cm or 2.2 X 
X 10-« m. 


p—gi=i.60X 10' 1 *X2.2X 10 -n =3.52X 10 -8 ® C-m -= 


3.52 X 10-*° 
3.33 X 10 -so 


D = 1.06 D 


The dipole moment is a vector quantity directed from 
the positive end of a dipole to its negative one. For this 
reason, the dipole moment of a polyatomic molecule should 
be considered as the vector sum of the dipole moments of 
the bonds: it depends not only on the polarity of each bond, 
but also on the mutual arrangement of the bonds. 

For instance, the molecule AB 2 can have either a linear 
(a) or a V-shaped (b) structure: 


A 

B o-o-o B 

(a) 


'A 

B 


w 


fi 


The molecule AB 3 can be constructed in the form of an 
equilateral plane triangle (a), a triangular pyramid (b), or 
the letter T (c): 
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B 

00 (b) (c) 

In linear AB 2 , triangular AB S , tetrahedral and square AB 4 
molecules, the dipole moments of the A—B bonds compen¬ 
sate one another so that the net dipole moments of these 
molecules are zero. Such molecules are not polar, notwith¬ 
standing the polarity of the individual bonds. 

In V-shaped AB S molecules, pyramidal and T-shaped AB 3 
molecules, the dipole moments of the individual bonds are 
not compensated; the dipole moments of such molecules do 
not equal zero. 

Example 2. The dipole moment of the ammonia molecule is 
1.48 D. Calculate the length of the dipole. Can the molecule be as¬ 
sumed to have the shape of a regular triangle? 

Solution, p = 1.48 D = 1.48 X 3.33 X 10-*® C-m = 4.93 X 
X 10-" C-m, q = 1.60 X 10- 19 C. 

Hence, 

u 4 Qg v ify-so 

1 = —= ^ rg-=3.03x10-“ m = 0.0308 nm 
q l.ou X 10 18 

The NHo molecule cannot have the shape of an equilateral triangle 
because in this case its dipole moment would equal zero. It is actually 
constructed in the form of a triangular pyramid with the nitrogen atom 
at its vertex and the hydrogen atoms at the comers of its base. 

To explain the geometrical structure of molecules, in 
other words to explain the directional nature of covalent 
bonds, the notion of hybridization of the AO’s in the central 
atom is used. According to this notion, the formation of 
chemical bonds may be preceded by a change in the valence 
orbitals of an atom: the original non-equivalent atomic 
orbitals, as it were, intermix and form orbitals identical 
in energy. Redistribution of the electron density occurs 
that requires the expenditure of energy and is not realized in 
isolated atoms. As a result of hybridization, however, the 
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electron cloud stretches out in a direction towards the 
interacting atom, owing to which its overlapping with the 
electron clouds of the latter grows. This leads to the forma¬ 
tion of a stronger chemical bond and, consequently, to the 
evolution of extra energy, which compensates the expen¬ 
diture of energy for hybridization. 

The number of hybrid AO’s equals the number of original 
AO’s of an atom participating in hybridization. If one s and 
one p orbitals participate in hybridization (sp hybridization), 
two equivalent sp orbitals are formed; one s and two p orhit- 
als produce three sp 2 orbitals ( sp 2 hybridization), and so on. 

The hybrid clouds corresponding to a given kind of hy¬ 
bridization are arranged in an atom so that the interaction 
between electrons is minimum, i.e. as far as possible from 
one another. Therefore, in sp hybridization, the electron 
clouds are oriented in opposite directions, in sp 3 hybridiza¬ 
tion—in directions lying in one plane and making angles 
of 120 degrees with one another {i.e. in directions towards 
the corners of an equilateral triangle), in sp 3 hybridization— 
towards the corners of a tetrahedron (the angle between 
these directions is 109 °28'), and in sp 3 d? hybridization— 
towards the corners of an octahedron (i.e. in mutually 
perpendicular directions). The hybrid orbital directional 
characteristics for selected kinds of hybridization are shown 
in Table 2. Each arrow depicts the direction of the axis of 
one of the clouds. 


Table 2 

Hybrid Orbital Directional Characteristics 


Kind of hybridization tp 


sp3 

spSdi 

Number of hybrid 
clouds 2 

3 

4 

6 

Directions of orien¬ 
tation of hybrid o-»- 

clouds 

X 

4 

# 
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The spatial structure of ft molecule is determined by the 
kind of hybridization of the valence orbitals in the central 
atom and by the number of unshared electron pairs in its 
valence electron layer. 


Example 3. By what kind of hybridization of the AO's of nitrogen 
is the formation of the NHJ ion and the NH« molecule explained? 
What is the spatial structure of these particles? 

Solution. Both in the ammonium ion and in the ammonia molecule, 
the valence electron layer of the nitrogen atom contains four electron 
pairs: 

H ~l+ H 


H :N; H 
H 


:n: h 
• • 

H 


Consequently, in both cases, the electron clouds of the nitrogen 
atom will be the greatest distance apart in sp* hybridization, when 
their axes are directed towards the corners of a tetrahedron. In the 
NHJ ion, all the comers of the tetrahedron are occupied by hydrogen 
atoms, so that this ion has a tetrahedral configuration with the nitro¬ 
gen atom at the centre of the tetrahedron. 

When an ammonia molecule forms, the hydrogen atoms occupy 
only three comers of a tetrahedron, while the electron cloud of tne 
unshared electron pair of the nitrogen atom is directed towards the 
fourth comer. This can be depicted as follows: 



The figure thus formed is a triangular pyramid with the nitrogen 
atom at its vertex and the hydrogen atoms at the comers of its base. 


PROBLEMS 

251. The dipole moment of the HCN molecule is 2.9 D. 
Calculate the length of the dipole. 

252. The length of the dipole of the hydrogen fluoride 
molecule is 4 X 10 -11 m. Calculate its dipole moment in 
coulomb-metres and in debyes. 

253. The dipole moments of H a O and H„S molecules are 
1.84 and 0.94 D, respectively. Calculate the lengths of the 
dipoles. In which molecule is the bond more polar? Indicate 
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the directions of the dipole moments of the bonds in these 
molecules. 

254. Describe the spatial structure of the non-polar BeCl t 
molecule. What AO’s of beryllium participate in the forma¬ 
tion of the Be—Cl bonds? 

255. The dipole moment of the S0 2 molecule is 1.61 D, and 
that of the C0 2 molecule is zero. Are the valence angles 
OSO and OCO the same? Motivate your answer. 

256. The dipole moment of the CS 2 molecule is zero. 
By what type of hybridization of carbon’s atomic orbitals 
is the formation of this molecule described? 

257. The dipole moments of BF S and NF S molecules 
equal 0 and 0.2 D, respectively. By what types of hybridiza¬ 
tion of the AO’s of boron and nitrogen is the formation of 
these molecules described? 

258. What types of hybridization of carbon AO’s corre¬ 
spond to the formation of the molecules CH 4 , C 2 H fi , C 2 H 4 , 
C 2 H.? 

2o9. Indicate the type of hybridization of silicon’s AO’s 
in SiH 4 and SiF 4 molecules. Are these molecules polar? 

260. In S0 2 andS0 3 molecules, the sulphur atom'is in the 
state of sp* hybridization. Are these molecules polar? What 
is their spatial structure? 

261. When SiF 4 reacts with HF, the strong acid H 2 SiF 8 is 
formed that dissociates into H + and SiF° - ions. Can the re¬ 
action between CF 4 and HF proceed in a similar way? Indicate 
the type of hybridization of silicon’s AO’s in the SiF®~ ion. 

REVIEW QUESTIONS 

262. Is the geometrical configuration of BF a and NF 3 
molecules the same? (a) Yes; (b) no. 

Because (1) the covalence of the central atom in both 
molecules is the same; (2) one of the molecules is polar, and 
the other is not. 

263. In what molecule—BF S or NH S —is the value of the 
dipole moment greater? (a) The dipole moments are equal; 
(b) in BF 3 ; (c) in NH a . 

Because (1) the difference between the electronegativities 
of the atoms in the BF 3 molecule is greater than in the NH 3 
molecule; (2) the BF 3 molecule has a planar structure, while 
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the NH 3 molecule is pyramidal; (3) the nitrogen atom has an 
unshared pair of electrons, while the boron atom has a free 
(vacant) valence orbital. 

264. Indicate the type of hybridization of carbon’s AO’s 
in the carbon dioxide molecule, (a) sp; (b) sp 2 ; (c) sp 8 ; 
(d) there is no hybridization. 

Because (1) all the valence electrons of the carbon atom 
participate in bond formation; (2) the carbon atom has two 
unpaired electrons in the 2 p orbitals; (3) the C0 2 molecule 
has a linear structure. 

3. Ionic Bond. Polarization of Ions 

An ionic bond is non-directional and does not have satura- 
bility. In this connection, ionic compounds tend to associ¬ 
ate. All ionic compounds in the solid state form ionic crys¬ 
tal lattices in which each ion is surrounded by several ions of 
the opposite sign. All the bonds of a given ion with its 
neighbouring ions are equivalent so that the entire crystal 
can be considered as a single molecule. 

The properties of ionic compounds are determined in 
many respects by the mutual polarization of ions in them. 
The polarization of an ion manifests itself in the relative 
displacement of the nucleus and the electrons of the outer 
electron shell surrounding it under the action of the elec¬ 
tric field of the adjacent ion; the valence electrons are 
displaced towards the cations. Such a deformation of the 
electron shell leads to diminishing of the ionic nature of 
a bond and to its transformation into a polar covalent bond. 

The polarizability of ions (i.e. their ability to deform 
under the action of an external electric field) is characterized 
by the following features: 

1. With an identical magnitude of the charge and equal 
ionic radii, the polarizability of anions is greater than that 
of cations. 

2. The polarizability of ions having a similar electron 
configuration grows with an increase in the ionic radius 
(i.e. with an increasing number of electron layers). For 
instance, the polarizability of halide and alkali metal ions 
grows in the following order: 

F-<Cl-<Br- < I”; Li + < Na + < K + <r Rb + <Cs + 
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3. With an identical charge and identical ionic radius, 
the polarizability of ions with an 18-electron shell (for exam¬ 
ple, Cu + and Cd a+ ) is higher than that of ions with a noble- 
gas electron configuration (Na + , Ca a+ , etc.). 

The polarizing power of an ion (i.e. its ability to deform, 
or polarize, another ion) grows with an increasing charge 
and diminishing ionic radius and depends greatly on its 
electron structure. Ions with a noble-gas electron configura¬ 
tion (for example, Ca 2+ and Ba 5+ ) have a weaker polarizing 
power than ions with an unfilled electron layer (Ti a+ , Fe a+ , 
Pb a+ , etc.). The strongest polarizing power (with the same 
charge of an ion) is exhibited by ions with an 18-electron 
structure of their outer layer (Cu + , Ag + , Zn a+ , Cd a+ , Hg a+ ). 

Since the dimensions of anions, as a rule, are greater than 
those of cations, anions have a higher polarizability and 
a lower polarizing power than cations. Consequently, when 
a cation reacts with an anion, the anion is mainly subjected 
to polarization; the polarization of the cation may be ig¬ 
nored in the majority of cases. 

Example 1. The Ionic radii of Na + and Cu + are the same (0.098 nm). 
Explain the difference between the melting points of sodium chloride 
(801 °C) and copper(I) chloride (430 °C). 

Solution. Since the Na + and Cu + ions have identical charges and 
dimensions, the difference in their polarizing power is explained 
by the features of their electron structure. The Cu + ion has an 18- 
electron outer shell and polarizes the Cl- anion more strongly than 
the Na + ion having a noble-gas electron configuration. Consequently, 
in coppor(I) chloride, polarization results in the transfer of a greater 
part of the electron charge from the anion to the cation than in sodium 
chloride. The effective charges of the ions in a CuCl crystal are smaller 
than in an NaCl one, while the electrostatic interaction between them 
is weaker. This is what explains the lower melting point of CuCl in 
comparison with NaCl whose crystal lattice is close to the purely ionic 
type. 

Example 2. Calcium fluoride does not dissociate into atoms even 
at 1000 °C, while copper(II) iodide is unstable even at ordinary tem¬ 
peratures. How can the different stability of these compounds be ex¬ 
plained? 

Solution. The Cu a+ ion with a 17-electron outer shell and a compa¬ 
ratively small radius (0.08 nm) has a strong polarizing power, while 
the I - ion with greater dimensions (r = 0.22 nm) has a high polariza¬ 
bility. Hence, the polarization of the I - anion by the Cu 2+ cation leads 
to the complete transition of an electron from the anion to the cation: 
the Cu* + ion is reduced to Cu + , and the I ~ ion is oxidized to free iodine, 
The compound Cul a does not exist, 
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The Ca* + ion has a noble-gas electron configuration, and its radius 
is 0.104 nm; this is why its polarizing action on an anion is weaker 
than that of the Cu ,+ ion. On the other hand, the polarizability of 
the F“ ion having comparatively small dimensions (r = 0.133 nm) 
is considerably lower than that of the I~ ion. When a weakly polariz¬ 
ing Ca a+ cation reacts with a weakly polarizable anion F", the electron 
shells of the ions do not virtually deform; the compound CaF, is very 
stable. 


PROBLEMS 

265. Proceeding from the notions on the nature of an 
ionic bond, explain why ionic compounds exist as ionic 
crystals, and'not as separate molecules in ordinary conditions. 

266. The melting point of CaCl 2 is 780 °C, and that of 
CdCl a is 560 °C; the radii of the Ca 8+ and Cd l+ ions are 0.104 
and 0.099 nm, respectively. Explain the difference between 
the melting points. 

267. In going from CsF to Csl, the melting point of the 
crystals lowers. Explain the observed course of the change 
in the. melting points. 

268. Explain the instability of copper(I) and silver(I) 
hydroxides. 

269. Explain the lower stability of AuCl s in comparison 
with AuCl and that of PbCl 4 in comparison with PbCl 2 from 
the standpoints of the notions of ion polarization. 

270. K 2 CO s melts at 890 °C without decomposing, while 
Ag.C0 3 decomposes already at 220°C. Explain this difference. 

271. BaCI 2 dissociates to the end in aqueous solutions, 
while HgCl 2 does not virtually dissociate. Explain this dif¬ 
ference between the properties of the salts. 

REVIEW QUESTIONS 

272. Which of the following ions has a higher polarizing 
power? (a) Na + ; (b) Ca 8+ ; (c) Mg a+ ; (d) Al 8+ . 

273. Which of the compounds SrF s and PbF t has a high¬ 
er melting point? (a) SrF 2 ; (b) PbF 2 ; (c) they have ap¬ 
proximately the same melting points. 

Because (1) the radii of the Sr 2+ and Pb a+ ions have close 
values; (2) the Sr—F bond is more ionic than the Pb—F one. 

274. Which of the compounds MgCO s and ZnC0 3 is ther¬ 
mally more stable? (a) MgCO^; (b) ZnCO^. 
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Because (1) magnesium hydroxide exhibits only basic prop¬ 
erties while zinc hydroxide is amphoteric; (2) a cation with 
a noble-gas electron configuration has a smaller polarizing 
action on an anion than a cation of the same size and charge 
with an 18-electron configuration of its outer layer. 

275. Which of the ions Ca 2+ and Cd 2+ has a stronger po¬ 
larizing action on anions? (a) Ca 2+ ; (b) Cd 2+ ; (c) the polar¬ 
izing action of these ions is identical. 

Because (1) the charges of the ions are the same, and their 
radii are close [r(Ca 2+ ) = 0.104 nm, and r(Cd 2+ ) = 0.099 nmj; 
(2) calcium is in the fourth, and cadmium in the fifth period 
of the periodic table of elements; (3) the Ca 2+ ion has a noble- 
gas electron configuration, and the Cd 2+ ion, an 18-electron 
configuration of its outer layer. 


4. Hydrogen Bond. Intermolecular 
Interaction 

A hydrogen atom, when bonded to an atom of a highly 
electronegative element, can form a second chemical bond. 
The latter is known as a hydrogen bond. The presence of 
hydrogen bonds leads to the appreciable polymerization of 
water, hydrogen fluoride, and many organic compounds. 
For example, at moderate temperatures, hydrogen fluoride is 
a polymer (HF)„, where n may reach six, and formic acid is 
a dimer even in the gaseous phase. 

The energy of hydrogen bonds usually ranges from 8 to 
40 kJ/mol. The presence of hydrogen bonds is the cause of 
anomalously high melting and boiling points of some sub¬ 
stances because the breaking of these bonds requires an 
extra expenditure of energy. 

Example 1. Hydrogen sulphide at room temperature is a gas, and 
water is a liquid. How can this difference in their properties be ex¬ 
plained? 

Solution. Oxygen is a more electronegative element than sulphur. 
Consequently, stronger hydrogen bonds appear between water mole¬ 
cules than between those of hydrogen sulphide*. The breaking of these 


* The energy of the hydrogen bonds between H,S molecules is 
very small—it is less than the average energy of thermal motion of 
the molecules at room temperature. Consequently, the formation of 
hydrogen bonds does not virtually affect the properties of hydrogen 
sulphide. 
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bonds needed for water to pass over to the gaseous state requires a 
considerable outlay of energy, and this is what leads to the anomalous 
rise in the boiling point of water. 

The forces retaining the particles of a liquid or solid 
near one another are of an electrical nature. But these 
forces diSer quite appreciably depending on what the parti¬ 
cles are—whether they are atoms of a metal or non-metal 
element, ions, or molecules. 

Intermolecular interaction occurs in substances with a 
molecular structure. The forces of intermolecular interac¬ 
tion, also called van-der-Waals forces, are weaker than 
the forces resulting in the formation of a covalent bond, but 
they manifest themselves at greater distances. They are 
based on the electrostatic interaction of molecular dipoles. 

Three kinds of intermolecular interaction are distinguished: 
orientational or dipole-dipole, induction, and dispersion 
interaction. 

Example 2. The boiling points (in K) of the nobie gases are: 
He Ne Ar Kr Xe Rn 

4.3 27.2 87.3 119.9 165.0 211.2 

How can the elevation of the boiling point with a growth in the 
atomic number of a noble gas be explained? 

Solution. The growth in the atomic number of the noble gases 
is attended by an increase in the dimensions of their atoms while 
retaining a similar configuration of the outer electron layer of an atom. 
Consequently, the polarizability of the atoms grows, and the result 
is an increase in the forces of dispersion interaction between them; 
the detachment of the atoms from one another occurring when a sub¬ 
stance passes from the liquid into the gaseous state requires a constantly 
growing expenditure of energy. This is what leads to elevation of the 
boiling point. 


PROBLEMS 

276. What is the nature of van-der-Waals forces? What 
kind of interactionbetween particles leads to the transition 
of Ne, N a , HI, Cl 2 , BF S , and H 2 0 to the condensed state? 

277. The boiling points of BF S , BC1 3 , BBr 3l and BI 3 are 
172, 286, 364, and 483 K, respectively. Explain this regu¬ 
larity. 

278. The boiling points of NF S , PF a , and AsF 3 are 144, 
178, and 336 K, respectively. Explain the regularity ob¬ 
served. 
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279. The boiling points Tj,, heats of vaporization Ai/ vap , 
and the dipole moments jx are given below for three series of 
similar compounds: 



T b . K 

AH vap' 

kJ/mol 

H. D 

HF 

292.7 

32.6 

1.91 

HC1 

188.1 

16.2 

1.03 

HBr 

206.4 

17.6 

0.79 

HI 

237.8 

19.8 

0.42 

H s O 

373.0 

40.7 

1.84 

HjS 

212.8 

18.7 

0.93 

H a Se 

231.7 

19.9 

0.24 

H a Te 

271 

23.4 

— 

NH„ 

239.7 

23.3 

1.48 

PH S 

185.7 

14.7 

0.55 

AsH 3 

210.7 

16.7 

0.03 

SbH 3 

255 

21.1 

— 


Explain why T^and Ai/ Vap do not change monotonously in 
each series of compounds with a monotonous change in the 
polarity of the molecules. 



5 

FUNDAMENTAL LAWS 
OF CHEMICAL REACTIONS 


1. Energy Conversions in Reactions. 

Thermochemical Calculations 

The most important quantities characterizing chemical 
systems include the internal energy U, the enthalpy H, 
the entropy S , and the Gibbs energy (isobaric-isothermal 
potential) G. All these quantities are functions of state, 
i.e. depend only on the state of a system, but not on how 
this state has been reached. 

A chemical reaction is attended by a change in the inter¬ 
nal energy of the reacting systems. If the internal energy 
of a system diminishes (AU < 0), the reaction proceeds 
with the evolution of energy (an exothermic reaction). 
If the internal energy of the system grows (AU > 0), the 
process is attended by the absorption of energy from the 
surrounding medium (an endothermic reaction). 

If as a result of a chemical reaction a system absorbed the 
amount of heat Q and performed the work W, the change in 
the internal energy AU is determined by the equation 

AU = Q - W 

According to the law of energy conservation, AU depends 
only on the initial and final states of a system, but does 
not depend on how the process (reaction) was conducted. Con¬ 
versely, Q and W will differ when a process is conducted in 
different ways: only the difference between these quantities 
(i.e. Q — W), but not each of them separately, is a function 
of state. The functions U, Q, and W are usually expressed 
in joules or kilojoules. 

If a reaction proceeds at constant volume (AF = 0, an 
isoehoric process), the work of expansion of the system 
(W — pAV) is zero. If no other kinds of work (for instance, 
electrical) are performed, AU — Q v , where Q v is the 
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heat effect of the reaction (i.e. the amount of heat absorbed 
by the system) proceeding at constant volume. For an exo¬ 
thermic reaction, Q v < 0, for an endothermic reaction, 
Qv > 0 .* 

Chemical reactions proceed more frequently not at con¬ 
stant volume, but at constant pressure p (A p — 0, an iso- 
baric process). In such cases, it is more convenient to use 
not the internal energy U, but the enthalpy H, determined 
by the equation 

H = U + pV 

The enthalpy can be seen to have the same dimension as 
the internal energy, and it is therefore usually expressed in 
joules or kilojoules. 

At constant pressure 

AHi— AU + p AV 

i.e. the change in the enthalpy equals the sum of the change 
in the internal energy (AU) and the work of expansion 
(pAV) done by the system. If no other kinds of work are 
performed, AH = Q p , where Q p is the heat effect of a reac¬ 
tion proceeding at constant pressure. For an exothermic 
reaction, Q p < 0, for an endothermic one, Q p > 0. 

The change in the internal energy or enthalpy is custo¬ 
marily related to the case when all the reactants and all 
the products -are in standard states. A standard state of a 
substance at a given temperature is defined as its state in 
the form of a pure substance at a pressure (for gases—at 
a partial pressure of the given gas) equal to standard atmos¬ 
pheric pressure (101.325 kPa or 760 mmHg). The changes 
in the relevant quantities related to the standard states 
are called standard changes, and the superscript 0 is used 
with their symbols. For instance, A U° is the standard change 
in the internal energy in a chemical reaction, and A H* 


* These signs of the heat effects have been adopted in chemical 
thermodynamics. In thermochemistry, the opposite system of signs 
is often used, i.e. the heat liberated by a system is considered to be 
positive. But no matter what signs are used for the heat effects, reac¬ 
tions proceeding with the liberation of heat into the surrounding 
medium are called exothermic, and those proceeding with the absorp¬ 
tion of heat by the system are called endothermic. 


6-1022 
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is the standard change in the enthalpy in a reaction (or, 
more briefly, the standard enthalpy of a reaction). 

The standard enthalpy of a reaction involving the forma¬ 
tion of one mole of a given substance from elementary sub¬ 
stances is known as the standard enthalpy of formation 
of this substance*. This quantity is usually expressed in 
kilojoules per mole. 

The enthalpy and the internal energy of formation of 
elementary substances, according fo the above definition, 
equal zero. If an element forms several elementary substances 
(graphite and diamond, white and red phosphorus, etc.), 
the state of the element in the form of the most stable modi¬ 
fication in the given Conditions is considered to be the 
standard one (graphite for carbon, O a for oxygen, etc.) 
whose enthalpy and internal energy of formation are adopted 
equal to zero. 

Chemical equations in which the changes in the enthalpy 
(the heat effects of reactions) are indicated are called thermo- 
chemical equations. For example, the equation 

PbO(c) + CO(g) = Pb(c) + CO s (g); MP = -64 kJ 

signifies that when one mole of PbO is reduced with carbon 
monoxide, an amount of heat equal to 64 kJ is liberated**. 
The symbols (c), (lq), and (g) stand for the crystalline, liquid, 
and gaseous state of a substance, respectively. 

A corollary to the law of energy conservation is the law 
experimentally established by G. Hess in 1840 (Hess’s law) 
that is the cornerstone of thermocbemical calculations. 

The heat effect of a chemical reaction (i.e. the change in the 
enthalpy or internal energy of a system as a result of a reac¬ 
tion) depends only on the initial and the final state of the 
substances participating in the reaction and does not depend on 
the intermediate stages of the process. 

* The abbreviated terms “enthalpy of formation”, “heat of forma¬ 
tion”, and so on are often used, the standard quantities being under¬ 
stood, however. If when speaking of the heat of formation no mention 
is made of the conditions in which the reaction is conducted, what is 
usually meant is the heat of formation at constant pressure ( Q p ). 

** In thermochemistry, such equations are frequently written in 
a different form (see the footnote on page 81): 

PbO(c) + CO(g) = Pb(c) + CO»(g) + 64 kJ 
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It follows from Hess’s law, particularly, that thermo¬ 
chemical equations can be summated, subtracted, and mul¬ 
tiplied by numerical factors. 

Example 1. Proceeding from the heat of formation of gaseous 
carbon dioxide (AH 0 — —393.5 kJ/mol) and the thermochemical 
equation 

C(graphite)+2N a O(g) = C0„(g)+2N a (g); AH°=-557.5 kJ (1) 

calculate the heat of formation of N a O{g). 

Solution. Denoting the required quantity by x, we write the thermo¬ 
chemical equation of formation of N a O from elementary substances: 

N* (g) + O a (g) = N s O (g); AH J = * kJ (2) 

We also write the thermochemical equation of the reaction of for¬ 
mation of CO s (g) from elementary substances: 

C(graphite) + O a (g) = CO a (g); AH\ = -393.5 kJ (3) 

Equations (2) and (3) can give us Eq. (1). To obtain the latter, 
we multiply Eq. (2) by two and subtract the resulting equation from 
(3). We get: 

C(graphite) + 2N a O(g) = CO g (g) -f- 2N a (g); 

Af?° = (-393.5 — 2x) kJ (4) 

Comparing Eqs. (1) and (4), we find —393.5 — 2* = —557.5, 
whence x — 82.0 kJ/mol. 

Example 2. Find the standard change in the enthalpy A H° for 
the reaction of methane combustion 

CH*(g) + 20 a (g) = CO a (g) + 2H a O(g) 

knowing that the enthalpies of formation of CO a (g), H a O(g), and 
CH 4 (g) are —393.5, —241.8, and —74.9 kJ/mol, respectively. 

Solution. We write the thermochemical equations of the reactions 
of formation of CO a , H a O, and CH 4 : 

C (graphite) +O a (g)=CO a (g); Ai/^COj) =-393.5 kJ (1) 

H a (g) + y O a (g) - H a O(g); Afl°(H a O) = -241.8 kJ (2) 

Cferaphite) + 2H,(g)=CH 4 (g); A/7°(CH 4 )=-74.9 kJ (3) 

By adding Eq. (1) to the doubled Eq. (2) and subtracting Eq. (3) 
from the sum obtained, we get the thermochemical equation of the 
reaction we are interested in: 

CH 4 (g) + 20 a (g) = CO a (g) + 2H s O(g); A H° = 

= A//°(COj) + 2A77 a (H a O) - A/7°(CH 4 ) 

Using the data of the example, we find the required quantity: 
A H° = —393.5 — 241.8 X 2 + 74.9 = -802.2 kJ 


6 * 
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The last example illustrates an important corollary to 
Hess’s law whose use simplifies many thermochemical cal¬ 
culations: 

The standard, change in the enthalpy of a chemical reaction 
equals the sum of the standard enthalpies of formation of the 
products less the sum of the standard enthalpies of formation of 
the reactants. 

Both sums are determined with account taken of the num¬ 
ber of moles of the substances participating in the reaction 
in accordance with its equation. 

Example X Using Table 5 of the Appendix, calculate A H° for 
the reaction: 

2Mg(c) 4 - COj(g) — 2MgO(c) -j- C(graphite) 

Solution. From Table 5, the standard enthalpies of formation of 
CO, and MgO are —393.5 and —601.8 kl/mol, respectively (we remind 
our reader that the standard enthalpies of formation of elementary 
substances equal zero!). Hence, for the standard enthalpy of the reac¬ 
tion, we find: 

AiT = 2A.tf"(MgO) - Ai/°(CO,) = 

= —601.8 X 2 + 393.5 = —810.1 kl 

Example 4. Proceeding from the values of AiT for the reactions: 

MgO(c) + 2H + (aq) = Mg a+ (aq) + H,0(lq); AifJ= -145.6 kJ 

HjO(lq) = H + (aq) + OH~(aq); A/fjj = 57,5 kJ 

calculate the value of A#J for the reaction of dissolution of magnesium 
oxide in water: 

MgO(c) + H,0(lq) = Mg 2 + (aq) + 20H-(aq); Ai/“ 

The symbol (aq) stands for a dilute aqueous solution. 

Solution. According to Hess’s law, we can write: Aii, = SH\ + 
-j- 2AHI whence 

A H% = —145.6 + 57.5 X 2 = 30.6 kJ 

The direction in which a chemical reaction proceeds spon¬ 
taneously is determined by the joint action of two factors: 
(1) the tendency of a system to pass into a state with the 
lowest internal energy (for isobaric processes—with the 
lowest enthalpy), and (2) the tendency of achieving the most 
probable state, i.e. a state that can be realized in the greatest 
number of equally probable ways (microstates). 

The measure of the first of these tendencies for isobaric 
processes is the change in the enthalpy in a chemical reaction: 
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the negative sign of AH indicates a decrease, and the posi¬ 
tive sign, an increase in the enthalpy of the system. 

The measure of the probability of the state of a system 
in thermodynamics is the entropy S— a quantity proportional 
to the logarithm of the number of equally probable micro¬ 
states by means of which the given macrostate* can be 
achieved. The entropy has the dimension of energy divided 
by temperature; it is usually related to one mole of a sub¬ 
stance (the molar entropy) and is expressed in J/(mol*K). 

It is clear from the above that the entropy grows when 
a substance transforms from the crystalline state to the 
liquid one and from the liquid state to the gaseous one, when 
crystals dissolve, gases expand, and in chemical reactions 
leading to an increase in the number of particles, especially 
of particles in the gaseous state. Conversely, all processes as 
a result, of which the order of a system grows (condensation, 
polymerization, compression, diminishing of the number of 
particles) are attended by a decrease in the entropy. 

Example 5. Without performing calculations, determine the sign 
of the entropy change in the following reactions: 


NH 4 NOj(c) = N a O(g) + 2H a O(g) 

(1) 

2H a (g) + 0 2 (g) = 2H a O(g) 

(2) 

2H 2 (g) 4- 0 2 (g) = 2H 2 0(lq) 

(3) 


Solution. In reaction fl), one mole of a substance in the crystalline 
state forms three moles of gases, hence AS, > 0. In reactions (2) and 
(3), both the total number of moles and the number of moles of the 
gaseous substances diminish so that AS 2 < 0 and AS, < 0. The 
quantity AS, has a more negative value than AS, because SfH»0(lq))< 
< SlH 2 0(g)I. 

A statement similar to that considered above for AH holds 
for the entropy: the change in the entropy of a system, (AS) 
as a result of a chemical reaction equals the sum of the entropies 
of the products less the sum of the entropies of the reactants. 
As in calculation of the enthalpy, summation is performed 
with account taken of the number of moles of the substances 
participating in the reaction. 

• We remind our reader that a macrostate is characterized by 
definite values of the macroscopic properties of a system (temperature, 
pressure, volume, etc.); a microstate is characterized by a definite 
state of each particle in a system. A large number of various micro- 
states can correspond to the same macrostate of a system. 
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It must be borne in mind that unlike the enthalpy of for¬ 
mation, the entropy of an elementary substance even in the 
crystalline state does not equal zero because at a temperature 
other than absolute zero the macrostate of a crystal can be 
achieved not by a single microstate, but by a large number 
of equally probable microstates. 

A function of state simultaneously reflecting the influ¬ 
ence of both tendencies mentioned above on the direction of 
chemical processes is the Gibbs energy, which is related 
to the enthalpy and entropy by the equation 

G ~ H — TS 

where T is the absolute temperature. 

The Gibbs energy can be seen to have the same dimension 
as the enthalpy, and it is therefore generally expressed in 
joules or kilojoules. 

For isobaric-isothermal processes (i.e. processes occur¬ 
ring at constant temperature and pressure), the change in the 
Gibbs energy is 

AG = AH - T AS 

As for A H and A S, the change In the Gibbs energy AG as 
a result of a chemical reaction (or, more briefly, the Gibbs 
energy of a reaction) equals the sum of the Gibbs energies of 
formation of the products less the sum of the Gibbs energies of 
formation of the reactants’, summation is performed with 
a view to the number of moles of the substances partici¬ 
pating in the reaction. 

The Gibbs energy of formation is related to one mole of 
a substance and is usually expressed in kJ/mol; AG° of for¬ 
mation of the most stable modification of an elementary 
substance is taken equal to zero. 

In conditions of a constant temperature and pressure, chemi¬ 
cal reactions proceed spontaneously in the direction of dimin¬ 
ishing of the Gibbs energy (AG < 0). 

Table 3 shows the possibility (or impossibility) of the 
spontaneous proceeding of a reaction with different combina¬ 
tions of the signs of A H and AS. 

For instance, if A H < 0 for a reaction (an exothermic 
reaction), and AS "> 0, it follows from the last equation that 
at all temperatures AG < 0. This signifies that the reaction 



Fundamental Laws of Chemical Reactions 


87 


Table 3 

Directions ol Reactions with Different Signs 
of AH and AS 


Sign of change 
in function 

Possibility 
(impossibility) 
of spontaneous pro¬ 
ceeding of reaction 

Example of reaction 

AH 

AS 

A6 

— 

+ 

— 

Possible at any tem¬ 
perature 

C»H( (lq) + 7.50g (g) = 

= 6C0 2 (g)4-3H 8 0(g) 

+ 

— 

+ 

Impossible at any 
temperature 

N a (g)+20 a (g)=2N0 a (g) 

— 

— 


Possible at sufficiently 
low temperature 

3H a (g) + N a (g) = 2NH s <g) 

+ 

+ 

+ 

Possible at sufficiently 
high temperature 

N 2 0 4 (g) = 2NO a (g) 


can proceed spontaneously at any temperatures. If A H <z 0 
and AS < 0, the reaction is possible (AG < 0) provided 
that the term AH in the equation for the Gibbs energy is 
greater in magnitude than the term TAS; since the magni¬ 
tude of the term TAS increases with a growth in the /ac¬ 
tor T , this condition will be observed at sufficiently low 
temperatures. In other words, at low temperatures, the 
spontaneous proceeding of exothermic reactions is most 
probable even if the entropy of the system diminishes. 

At high temperatures, as can be seen from the table, re¬ 
actions' attended by a growth in the entropy are most proba¬ 
ble, including endothermic reactions. 

Example 6 . At a certain temperature T, the endothermic reaction 
A -> B proceeds virtually to the end. Determine: (a) the sign of AS 
of the reaction; (b) the sign of AG for the reaction B A at the temper¬ 
ature T\ and (c) the possibility of the reaction B A proceeding at 
low temperatures. 

Solution, (a) Spontaneous proceeding of the reaction A -> B indi¬ 
cates that AG < 0. Since AH > 0, it follows from the equation AG = 
= AH — TAS that AS > 0. For the reverse reaction B A, we 
have AS < 0. 

(b) For the reaction A -»■ B, we have AG < 0. Hence, for the 
reverse reaction at the same temperature, AG > 0. 

(c) The reaction B A, which is the reverse reaction of A ->- B, 
is exothermic (AH < 0). The magnitude of the term TAS is small for 
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low temperatures, so that the sign of A G is determined by that of A H. 
Hence, at sufficiently low temperatures, the reaction B ^ A can 
proceed. 

The values of AH, AS, and AG of a reaction depend 
not only on the nature of the reactants, but also on their 
state of aggregation and concentrations. To obtain compara¬ 
ble data characterizing various reactions, the standard 
changes in the enthalpy AH?, the entropy AS° T , and the 
Gibbs energy A G°t are compared, i.e. changes that occur 
when all the substances participating in a reaction (both 
the reactants and the products) are in their standard states; 
the subscript in the above symbols indicates the absolute 
temperature at which the process is conducted. 

Table 5 of the Appendix gives the values of S’„ s , and also 
of A/7° and AG\ n of formation of selected substances at 
298 K (25 °C). These data allow us to perform a variety of 
thermodynamical calculations. 

Example 7. Will the reactions 

Cl a (g) + 2HI(g) = I 2 (c) + 2HCl(g) (1) 

GW + HjS(g) = 2HI(g) + S(c) (2) 

proceed spontaneously in the forward direction at 298 K? How will 
elevation of the temperature affect the direction of these reactions? 

Solution. To answer the first question, we must find the values of 
AG| 98 for the reactions being considered. In Table 5 of the Appendix, 
we find o AGform(HI) = 1.8 kJ/mol, AG? 0 rm (HCl) = -95.2 kj/mol, 
and AGform (H 2 S) = —33.8 kJ/mol. Hence for reactions (1) and (2), 
we find, respectively, 

AGJ = -95.2 X 2 — 1.8 X 2 = —194.0 kJ 

ag; = 1.8 x 2 - (—33.8) = 37.4 kJ 

The negative sign of A G{ indicates the possibility of reaction (1) 
proceeding spontaneously; the positive sign of AG| signifies that reac¬ 
tion (2) cannot proceed in the conditions indicated. 

The answer to the second question of the example is determined 
by the sign of A S° for the reactions being considered. In reaction (1), 
the number of moles of the substances in the gaseous state diminishes, 
and in reaction (2) it grows. It thus follows that A SI < 0, and A5| > 
> 0, i.e. in the equation AG° = Aff° — TAS® the term — TAS® is 
positive for reaction (1) and negative for reaction (2). Hence, when the 
factor T grows (elevation of the temperature), the value of AGJ will 
increase (i.e. become less negative), and that of AG 2 will decrease 
(become less positive). This means that elevation of the temperature 
will hinder the proceeding of reaction (1) and favour the proceeding 
of reaction (2) in the forward direction. 
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Example 8. Using reference data, establish whether the reduction 
of titanium dioxide to the free metal following the reaction 

Ti0 2 (c) -f 2C{graphite) = Ti(c) -f 2CO(g) 

is possible at temperatures of 298 and 2500 K. Disregard the tempera¬ 
ture dependence of Aff° and AS 0 . 

Solution. In Table 5 of the Appendix, we find for 298 K: 
AGformfTiO,! = —888.6 kl/mol, and AGf 0 rm(CO) = —137.1 kJ/mol. 
Hence for the reaction being considered: 

ag;„=2 Ac;; rm <co) - a cj om (Tio 2 ) = 

= -137.1 X2-(-888 .6) = 614.4 kJ 

Since AG 2 SS > 0, reduction of TiO a at 298 K is impossible. 

To calculate AG| 600 , we use the equation AG° = A H° — TAS°. 
In accordance with the indication in the data of the example, we take 
the values of AH 0 and AS 0 for 298 K. To calculate A H° and AS° 
of the reaction, we have to find the values of AH form and S° for the 
reactants in Table 5. They are Affform(TiO s ) = —943.9 kJ/mol, 
AFform(CO) = —110.5 kJ/mol, S°(Ti0 2 ) = 50.3 J/(mol-K), S°( C) = 
= 5.7 I/fmol-K), S°(Ti) = 30.6 J/(mol-K), and 5co = 
= 197.5 J/(mol-K). 

We determine AH° of the reaction: 

Aff° — 2AH° t0TTn (CO)-A F tom (TiO,) - 

= -110.5 X 2-(—943.9) = 722.9 kJ 
Similarly, we calculate A S° of the reaction: 

A S° = S°(Ti) -f 25°(CO) - 5°(TiO„) - 2S°(C) = 

= 30.6 + 197.5 X 2 - 50.3 -5.7 X 2 = 425.6 - 
- 61.7 = 363.9 J/K 

We now find A^{ soo of the reaction, expressing AS” in kJ/R: 
AG° 2M0 = A- TAS° koo = 722.9-2500 X = 

= 722.9 — 909.8= —186.9 kJ 

Hence, AGJjqb < 0, so that reduction of TiO a with graphite at 
2500 K is possible. 


PROBLEMS * 

280. When 2 A g of iron combine with sulphur, 3.77 kJ are 
evolved. Calculate the heat of formation of iron sulphide. 

* When solving the problems of this section, use Table 5 in the 
Appendix if necessary. 
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281. Find the amount of heat liberated in the explosion 
of 8.4 litres of detonating gas taken in standard conditions. 

282. Determine the standard enthalpy (A#J 98 ) of forma¬ 
tion of PH 3 proceeding from the equation: 

2PH s (g) + 40 2 (g) = P 2 0 B (c) + 3H 2 0(lq); Atf° = -2360kJ 

283. Proceeding from the heat effect of the reaction 
3CaO(c) -f P a 0 5 (c) = Ca„(P0 4 ) 2 (c); A/T = — 739 kJ 

determine Aof formation of calcium orthophosphate. 

284. Proceeding from the equation of the reaction 

CH g OH(lq) + 0,(g) = C0 2 (g) + 2H a O(lq); Atf °= - 726.5 kJ 

calculate Ai7° 8B of formation of methyl alcohol. 

285. In the reduction of 12.7 g of copper(II) oxide with coal 
(with the formation of CO), 8.24 k J are absorbed. Determine 
AiT° ag of formation of CuO. 

286. Upon the complete combustion of ethylene (with the 
formation of liquid water), 6226 kJ were evolved. Find the 
volume of the oxygen that entered into the reaction in 
standard conditions. 

287. Water gas is a mixture of equal volumes of hydrogen 
and carbon monoxide. Find the amount of heat evolved in 
the combustion of 112 litres of water gas taken in standard 
conditions. 

288. Equal volumes of hydrogen and acetylene taken in 
identical conditions are burned with the formation of H a O(g). 
In which case is more heat liberated, and how many times 
more? 

289. Determine A/fJ 98 for the reaction 3C 2 H 2 (g) = 
= C 0 H«(lq) if A//* 9s for the reaction of combustion of'acetyle- 
ene with the formation of C0 2 (g)fand H 2 0(lq)is —1300k J/mol, 
and A/Tj qs of formation of benzene(lq) is 82.9 kJ/mol. 

290. Find Aof formation of ethylene using the fol¬ 
lowing data: 

C 2 H 4 (g) + 30 s (g)-2C0 2 (g)-f2H 2 0(g); A// 0 — —1323 kJ 

C (graphite)+ 0 2 <g) = C0 2 (g); -393.5 kJ 

H 1 (g) + {o 1 (g)=H,0(g); AJ7°= -241.8 kJ 
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291. Compare Af7* 98 for the reaction of reduction of 
iron(III) oxide using various reducing agents at 298 K: 

(a) Fe,O s (c) + 3H a (g) - 2Fe(c) + 3H s O(g) 

(b) Fe a O s (c) + 3C(graphite) = 2Fe(c) + 3CO(g) 

(c) Fe a 0 3 (c) + 3C0(g) — 2Fe(c) + 3C0 2 (g) 

292. Find the mass of methane upon the complete com¬ 
bustion of which (with the formation of liquid water) heat is 
evolved that is sufficient for heating 100 g of water from 
20 to 30 °C. Assume that the molar heat capacity of water 
is 75.3 J/(mol k K). 

293. Calculate A Hl 9g of formation of MgCOjfcJ^at 298 K 
using the following data: 

CferaphUe) + 0,(g) = CO a (g); A= -393.5 kJ 

2Mg(c) + O a = 2MgO(c); Aff| 98 = -1203.6 kl 

MgO(c) + CO,(g) = MgCO,(c); Aff|, s = -117.7 kJ 

294. Proceeding from Aff* J8 of formation of H a O(g) and 
the following data: 

FeO(c) + CO(g) = Fe(c) + CO,(g); AffJ„ a = -18.2 kJ 

2CO(g) + 0 2 = 2CO s (g); \ff’ m = -566.0 kJ 

calculate Atfjj,, for the reaction 

FeO(c) + H a (g) = Fe(c) + H a O(g) 

295. Calculate A#*, 8 for the reactions: 

(a) C a H 6 (g) + 1- O a (g) = 2CO a (g) + 3H a O(g) 

(b) CeH.tlq)-)-^- 0 2 (g) = 6C0 2 (g) + 3H a 0(lq) 

296. Calculate A/fj 18 for the reactions: 

(a) 2Li(c) + 2H a O(lq) = 2Li+(aq) + 20H-(aq) + H a (g) 

(b) 2Na(c) + 2H a O(lq) - 2Na*(aq) + 20H-(aq) + H a (g) 

Take the standard enthalpies of formation of Li + (aq), 
N a + (aq), and OH _ (aq) equal to —278.5, —239.7, and 
—228.9 kJ/mol, respectively. 

297. Calculate the value of A//’ 98 for the reactions of 
transformation of glucose proceeding in an organism: 

(a) C 6 H la 0 6 (c) = 2C a H 5 OH(lq) + 2CO,(g) 

(b) C 6 H la 0 6 (c) + 60 a (g) = 6 CO a (g) + 6 H a O(lq) 
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Which of these reactions supplies more energy to the or¬ 
ganism? 

298. Does the value of AH° for a reaction depend on the 
presence of catalysts in a system? Substantiate your answer. 

299. Explain why processes of dissolving substances in 
water can proceed spontaneously not only with an exothermic 
(AH < 0), but also with an endothermic (AH > 0) effect. 

300. Without performing calculations, find the sign of 
AS 0 for the following processes: 

(a) 2NH s (g) = N a (g) + 3H a (g) 

(b) CO a (c) = CO a (g) 

(c) 2NO(g) + 0,(g) - 2NO a (g) 

(d) 2H a S(g) + 30 s (g) =•■ 2H a O(lq) + 2SO a (g) 

(e) 2CH s OH(g) + 30 a (g) - 4H a O(g) + 2CO a (g) 

301. Determine the sign of the change in the entropy for 
the reaction 

2A a (g) + B a (g) = 2A a B(lq) 

Can this reaction proceed in standard conditions? Substanti¬ 
ate your answer. 

302. Indicate the signs of AH, AS, aiid AG for the follow¬ 
ing processes: (a) expansion of an ideal gas in a vacuum; 
(b) evaporation of water at 100 °C and a partial pressure of 
the water vapour of 101.325 kPa (760 mmHg); and (c) 
crystallization of supercooled water. 

303. Determine the signs of AH°, AS 0 , and AG° for the 
reaction 

AB(c) + B a (g) = AB s (c) 

proceeding at 298 K in the forward direction. Will A G° 
grow or diminish with elevation of the temperature? 

304. Why can the sign of AH be the criterion determining 
the direction of the spontaneous proceeding of a reaction at 
low temperatures, and the sign of AS be such a criterion 
at sufficiently high temperatures? 

305. Calculate the values of AG’ 98 for the following reac¬ 
tions and establish the direction in which they can proceed 
spontaneously in standard conditions at 25 °C: 

(a) NiO(c) + Pb(c) = Ni(e) + PbO(c) 

(b) Pb(c) + CuO(c) = PbO(c) + Cu(c) 

<c) 8AI(c) + 3Fe 3 0 4 (c) = 9Fe(e) + 4Al a 0 3 (c) 
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306. Using reference data, show that the reaction 

Cu(c) 4 ZnO(c) = CuO(c) 4 Zn(c) 
is impossible. 

307. Determine which of the following reactions is pos¬ 
sible in standard conditions at 25 °C: 

(a) N a (g) + i-O s (g) = N a O(g) 

(b) 4HCl(g) + 0,(g) = 2Cl a (g) 4 2H a O(lq) 

(c) Fg.0 8 (c) + 3CO(g) = 2Fe(c) + 3CO a (g) 

308. Calculate A G° for the reaction 

CaCO a (c) = CaO(c) 4 CO s (g) 

at 25, 500, and 1500 °C. Disregard the temperature depen¬ 
dence of A H° and AS 0 . 

Plot a graph of the temperature dependence of A G° and 
use it to find the temperature above which the reaction in 
standard conditions can proceed spontaneously. 

309. Calculate the values of AG° 9fi for the following 
reactions of reduction of iron(Il) oxide: 

(a) FeO(c) 4 ~ C(graphite) = Fe(c) + CO a (g) 

(b) FeO(c) 4 C(graphite) = Fe(c) + CO(g) 

(c) FeO(c) + CO(g) = Fe(c) + CO,(g) 

The proceeding of which of these reactions is most 
probable? 

310. Which of the following oxides can be reduced by 
aluminium at 298 K: CaO, FeO, CuO, PbO, Fe„0 8 , Cr 2 0 3 ? 

311. Which of the following oxides can be reduced by 
hydrogen to the free metal at 298 K: CaO, ZnO, SnO a , NiO, 

A W 

312. Indicate which of the reactions of formation of 
nitrogen oxides can proceed spontaneously and at what 
temperatures (high or low): 

(a) 2N a (g) 4 O t {g) = 2N a O(g); A H’ na > 0 

(b) N a (g) 4 0 2 (g) - 2NO(g); Atf* aag > 0 

(c) 2NO(g) 4 O a (g) = 2NO a (c); A//“„ a < 0 

(d) NO(g) 4 NO a (g) = N a O»(c); A< 0 

(e) N a (g) 4 20 a (g) = 2NO a (g); Afi5 >8 > 0 
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REVIEW QUESTIONS 

313 . Indicate the correct relationship of the standard 
changes in the enthalpy for the following reactions: 

Ha(g) + Ofe) == H,0(g) (1) 

Haig) 0 a(g) — HjO(g) (2) 

2Hfe) + 0(g) = HaOfe) (3) 

(a) AH; < A H\ < A H\; (b) A H\ > A H\ > A H\. 

314. Indicate which of the following statements are correct: 

(a) endothermic reactions cannot proceed spontaneously; 

(b) endothermic reactions can proceed at sufficiently low 
temperatures; (c) endothermic reactions can proceed at suf¬ 
ficiently high temperatures if the change in the entropy of 
the reaction is positive. 

315. Without performing calculations, indicate for which 
of the processes listed below the change in the entropy is 
positive: 

(a) MgO(c) + Hafe) = Mg(c) + H,0(lq) 

(b) C(graphite) + CO,(g) = 2C0(g) 

(c) CH s COOH(aq) = CH a COO-(aq) + H + (aq) 

(d) 4HCl(g) + 0,(g) = 2CI B (g) + 2H,0fe) 

(e) NH 4 N0 8 (c) = N,0(g) + 2H,0(g) 

316. In which of the following cases is a reaction possible 
at any temperatures? (a) A H° < 0, A5° > 0; (b) A H° < 0, 
AS° < 0; (c) AH° >0, AS° > 0. 

317. In which of the following cases is a reaction impossi¬ 
ble at any temperatures? (a) A H° > 0, A S° > 0; (b) AH 0 > 

> 0, AS° < 0; (c) A H° < 0, AS 0 < 0. 

318. If AH° < 0 and AS 0 < 0, in which of the following 
cases can a reaction proceed spontaneously? (a) | A H° | > 

> I TAS° |; (b) | AH° | < | TAS° |. 

319. With a view to the sign of AGJ >8 for the following 
reactions 

PbO t (c) + Pb(c) = 2PbO(c); AG^ 88 < 0 
SnOa(c) + Sn(c) = 2SnO(c); AGJ 98 > 0 
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determine which oxidation states are more characteristic 
for lead and tin. (a) For lead -f-2, for tin +2; (b) for lead 
+2, for tin +4; (c) for lead +4, for tin +2; (d) for lead 
-(-4, for tin +4. 

320. What is the sign of AG for the process of ice melting 
at 263 K? (a) AG > 0; (b) AG = 0; (c) AG < 0. 

321. Taking into account that NO a (g) is coloured, and 
N s 0 4 is colourless, and proceeding from the sign of the 
change in the entropy in the reaction 2NO a (g) = N a 0 4 (g), 
predict how the colour will change in the system N0 a -N 2 0 4 
with elevation of the temperature, (a) It will increase; 
(b) it will fade out. 

2. Rate ol a Chemical Reaction. 

Chemical Equilibrium 

The rate of a chemical reaction is measured by the amount of 
substance entering into a reaction or formed in the reaction in 
unit time and in unit volume of the system (for a homogeneous 
reaction) or on unit surface area of a phase interface (for 
a heterogeneous reaction)*. 

For a homogeneous process occurring at constant volume, 
the rate of a reaction can also be determined through the 
changes in the concentrations of the reactants or products: 

The rate of a homogeneous chemical reaction is measured by 
the change in the concentration of one of the reactants or 
products occurring in unit time. 

For a reactant, this definition can be expressed by the 
equation 



and for a product 



where Ac is the change in the concentration of the relevant 
substance during the time At. 


* In view of the difficulties often encountered in determining 
the area of a phase interface, the rate of a heterogeneous reaction is 
frequently related to a unit mass or volume of the solid phase. 
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The signs in the right-hand sides of these equations are 
different because in the course of a reaction the concentra¬ 
tions of the reactants diminish (Ac < 0), and those of the 
products grow (Ac > 0). 

The rate of a reaction depends on the nature of the reac¬ 
tants and products, their concentration, temperature, and 
on the presence of catalysts in the system. When the col¬ 
lision of two reacting particles (molecules, atoms) is needed 
for a reaction to occur, the dependence of the reaction rate 
on the concentrations is determined by the law of mass 
action: at a constant temperature , the rate of a chemical reac¬ 
tion is directly proportional to the product of the concentrations 
of the reactants. 

For instance, for a reaction of the type 

A + B, AB, 

the law of mass action is expressed as follows: 

J — k LA] iB a J 

Here [A] and [B a J are the concentrations of the reactants, 
and the constant of proportionality k is the rate constant 
of the reaction whose value depends on the nature of the 
reactants. 

A reaction occurs much less often through the collision 
of three reacting particles. For example, a reaction of the 
type 

A + 2B AB„ 

can proceed according to the mechanism of triple collisions: 

A + B + B AB S 

In this case, in accordance with the law of mass action, 
we can write: 

/ = k LA] [B] [B] 
i.e. 

J = k[ A] [B]» 

The simultaneous collision of more than three particles 
is extremely improbable. Consequently, reactions whose 
equations include a great number of particles (for instance, 
4HC1 + O a -»-2Cl a + 2H a O) proceed in several steps, each 
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of which occurs because of the collision of two (less frequent¬ 
ly, three) particles. In such cases, the law of mass action can 
be applied to the individual steps of a process, but not to 
a reaction as a whole. 

In heterogeneous reactions, the concentrations of the 
substances in the solid phase do not usually change in the 
course of a reaction, and for this reason they are not in¬ 
cluded in the equation of the law of mass action. 

Example 1. Write the expressions of the law of mass action for 
the reactions 

(a) 2N0(g) + Cl a (g) -v 2NOCl(g) 

(b) CaCO s (c) -» CaO(c) + CO a (g) 

Solution, (a) / = A[NO]*[Cl a ]. 

(b) Since calcium carbonate is a solid whose concentration does 
not change in the course of the reaction, the required expression will 
be / = k, i.e. in the given case the rate of the reaction at a definite 
temperature is constant. 

Example 2. How will the rate of the reaction 

2NO(g) + O a (g) = 2NO a (g) 

change if the volume of the reaction vessel is diminished to one-third 
of its initial value? 

Solution. Before the volume is changed, the rate of the reaction 
is expressed by the equation: 

J = fc[NO] a [O a ] 

Owing to the decrease in the volume, the concentration of each 
of the reactants grows three times. Hence, we now have 

/' = *(3[NO])*(3(O a ]) = 27fc[NO]»[O a ) 

Comparing the expressions for J and we see that the rate of the 
reaction will grow 27 times. 

The temperature dependence of the rate of a reaction (or 
the rate constant of a reaction) can be expressed by the 
equation: 

Jt+i o . fct-no __ v 

J t k t 7 

Here J t and kt are the rate and rate constant of a reaction 
at a temperature of t °C,/ t+10 and k t+ 10 are the same quanti¬ 
ties at a temperature of (t -f 10) °C, and y is the temperature 
coefficient of the reaction rate whose value for most reactions 
ranges from two to four (van’t Hoff’s rule). In the general 


7-1022 
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case, if tie temperature changed by A t °C, the last equation 
becomes: 

7 <+A< - k i+M _ v Af/iO 

Jt k t ~ y 

Example 3. The temperature coefficient of the reaction rate is 2.8. 
How many times will the reaction rate increase when the temperature 
is raised from 20 to 75 °C? 

Solution. Since A t = 55 °C, denoting the reaction rates at 20 
and 75 °C by J and respectively, we can write: 

J — = 2.8 M/1 ° = 2.8 6 - 6 ; log —j~ 5.5 log 2.8 = 

= 5.5 X 0.447 = 2.458 

Hence, J'lJ — 287. The reaction rate will increase 287 times. 

The last example shows that the rate of a chemical reac¬ 
tion grows very greatly upon elevation of the temperature. 
This is associated with the fact that an elementary act of a 
chemical reaction does not occur each time reacting mole¬ 
cules collide: only those molecules react (active molecules) 
that have sufficient energy to break or weaken the bonds 
in the initial particles and thus create the possibility of 
the formation of new molecules. Consequently, every reac¬ 
tion is characterized by a definite energy barrier; to sur¬ 
mount it, activation energy is needed—a certain excess 
energy (in comparison with the average energy of the mole¬ 
cules at a given temperature) that molecules must have 
for their collision to he effective, i.e. to result in the forma¬ 
tion of a new substance. Elevation of the temperature is 
attended by a rapid increase in the number of active mole¬ 
cules, and this is what leads to a sharp growth in the rate 
of a reaction. 

The dependence of the rate constant k of a reaction on 
the activation energy (E a , J/mol) is expressed by the Arrhe¬ 
nius equation 

k = ZPe- E * ,RT or * = ZP exp ( —^ ) 

where Z is the number of collisions of the molecules per 
second in unit volume; e is the base of natural logarithms 
(e = 2-718-f), R is the molar gas constant (R = 8.314 J-- 
moH-K' 1 ); T is the temperature, K; and P is the steric 
factor. 



Fundamental Laws of Chemical Reactions 


99 


The necessity of introducing the factor P in the Arrhenius 
equation is explained by the fact that collisions even be¬ 
tween active molecules do not always result in a reaction, 
but only when the molecules have a definite orientation. 
The factor P is proportional to the ratio of the number of 
ways of the mutual orientation of the molecules favourable 
for proceeding of a reaction to the total number of possible 
ways of orientation: the greater this ratio, the more rapidly 
will a reaction proceed. The steric factor P is usually much 
smaller than unity; it has an especially great influence on 
the rate of reactions proceeding with the participation of 
complex molecules (for example proteins), when the total 
number of various possible orientations is very great, and 
the number of orientations favourable for proceeding of 
a reaction is very limited. 

The Arrhenius equation shows that the rate constant of 
a reaction grows with a decreasing activation energy. 

Example 4. Substance A transforms into substance C according 
to the reaction 


A 



h 3 , 


the second step of the reaction being attended by the absorption of 
heat; k 1 <k t and k t > k s . Depict the energy diagram of the process 
schematically and determine the sign of A H of the reaction as a whole. 



Fig. 4. Energy diagram of the reaction A B ->- C 

Solution. Let us consider the part of the energy diagram relating 
to the first step of the reaction—transformation of reactant A into 
intermediate B (section AB in Fig. 4). Since the rate constant of the 
reverse reaction (B -*■ A) k t is greater than that of the forward reac¬ 
tion the activation energy of the reverse reaction must be smaller 
than the activation energy of the forward reaction (f?a < #a). This 
means that as a result of the transformation of substance A into sub¬ 
stance B the energy of the system grows (see Fig. 4). 
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As regards the second step of the reaction—the transformation of 
substance B into product C (section BC in Fig. 4), for similar reasons 
(ft, > k a ) the energy barrier for the process B -* C must be greater 
than for the process B -► A (E a > e“ a ). Accordingly, the maximum 
on section BC must be higher than that on section BA. 

Finally, since according to the data of the example the second step 
of the reaction is endothermic, a higher energy level must correspond 
to the final state of the system (substance C) than to the intermediate 
state (substance B), and this is what is reflected in the diagram. It 
can be seen that the reaction as a whole is attended by the absorption 
of heat, i.e. A H > 0. 

The rate of a chemical reaction grows in the presence 
of a catalyst. The latter causes unstable intermediates 
(activated complexes) to appear whose decomposition leads 
to the formation of the products. The activation energy of 
the reaction is lowered, and now some molecules become ac¬ 
tive whose energy was insufficient for conducting the reaction 
in the absence of the catalyst. As a result, the total number 
of active molecules grows, and the rate of the reaction 
increases. 

It follows from the Arrhenius equation, in which E * is an 
exponent, that even a small decrease in the activation energy 
results in a considerable growth in the reaction rate. For 
instance, biological catalysts—enzymes—sharply lower the 
activation energy of chemical reactions proceeding in living 
organisms, and these reactions proceed sufficiently rapidly 
at comparatively low temperatures. 


Example 5. The activation energy of a reaction is 75.24 kJ/mol 
in the absence of a catalyst, and 50.14 kJ/mol with a catalyst. How 
many times will the rate of the reaction grow in the presence of a cata¬ 
lyst if the reaction proceeds at 25 °G? 

Solution. Let the activation energy of the reaction without a catal¬ 
yst be E a , and with one, E&, let k and k' be the respective rate con¬ 
stants of the reaction. Using the Arrhenius equation, we find: 

ft' exp (-E’JRT) _ ( E a - Xj \ 

1 exp (-EJRT) RT > 


whence 

In ^=2.30 log £ 



and 



E a -E a 
2.30RT 


Introducing the data of the example mto the last equation, express¬ 
ing the activation energy in joules, and taking into account that 
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T = 298 K, we get: 

, k' (75.24 — 50.14) X 10®_ 25.1x10* /n 

g k ~ 2.30 X 8:314 X 298 = 2.30 X 8.314 X 298 

We finally obtain k'lk = 2.5 X 10*. Hence, a decrease in the acti¬ 
vation energy by 25.1 kJ resulted in the reaction rate growing 
25 000 times. 

When a chemical reaction proceeds, the concentrations 
of the reactants diminish. In accordance with the law of 
mass action, this lowers the reaction rate. If a reaction is 
reversible, i.e. can proceed both in the forward and the 
reverse direction, with time the rate of the reverse reaction 
will grow because the concentrations of the products in¬ 
crease. When the rates of the forward and reverse reactions 
become the same, a state of chemical equilibrium sets in, 
and no further change in the concentrations of the reactants 
and products occurs. 

For the reversible chemical reaction 

A + B=^C + D 

the dependence of the rates of the forward (J t ) and reverse 
(/ r ) reactions on the concentrations of the reactants and 
products is expressed by the relations 

/, = fc f [A][Bl and J f = * r [C][D] 

In the state of chemical equilibrium, Jf — / r , i.e. 
k t [A)[B] = &r[C)[D] 

whence 

. [Cl [PI jr 
h ~ [A} [B] “ A 

where K is the equilibrium constant of the reaction. 

The concentrations in the expression for the equilibrium 
constant are called the equilibrium concentrations. The 
equilibrium constant is a quantity, constant at a given 
temperature, expressing the relationship between the equi¬ 
librium concentrations of the products (numerator) and 
reactants (denominator). The greater the equilibrium con¬ 
stant, the further does a reaction proceed, i.e. the greater 
is the yield of its products. 
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It is proved in chemical thermodynamics that for the 
general case of the chemical reaction 

ak -f- 6B -f- . • ■ ** cC -}- dD -j- . . . 


a similar expression holds for the equilibrium constant o 
the reaction: 


y 1W- 
A ~ [A] a [BJi> ... 


The expression for the equilibrium constant of a hetero¬ 
geneous reaction, like that for the law of mass action, in¬ 
cludes only the concentrations of the substances in the liquid 
or gaseous phase because the concentrations of solid sub¬ 
stances remain constant as a rr 
A catalyst does not affect the value of the equilibrium 
constant because it lowers the activation energy of the 
forward and reverse reactions by the same amount and 
therefore changes the rates of the forward and reverse reac¬ 
tions by the same magnitude. A catalyst only accelerates 
the attaining of equilibrium, but does not affect the quanti¬ 
tative yield of the products. 

Example 6. In the system A(g) 4- 2B(g) £ C(g), the equilibrium 
concentrations are [A] = 0.06 mol/1, [B] = 0.12 mol/1, and [C] = 
= 0.216 mol/1. Find the equilibrium constant of the reaction and 
the initial concentrations of substances A and B. 

Solution. The equilibrium constant of the given reaction is ex¬ 
pressed by the equation 


K - t C l 
[A][B] a 

Introducing the data of the example into it, we get 


K = 


0.216 

0.06 x (0.12)* 


= 250 


To find the initial concentrations of substances A and B, we shall 
take into account that, in accordance with the equation of the reac¬ 
tion, one mole of A and 2 moles of B yield one mole of C. Since accord¬ 
ing to the data of the example, 0.216 mole of substance C was formed 
in each litre of the system, 0.216 mole of A and 0.216 X 2 = 0.432 mole 
of B were consumed. Thus, the required initial concentrations are: 


[A] 0 = 0.06 + 0.216 = 0.276 mol/1 

[B] 0 = 0.12 + 0.432 = 0.552 mol/1 

Example 7. Eight moles of SO a and four moles of Oj are mixed 
in a closed vessel. The reaction proceeds at constant temperature. By 
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the moment when equilibrium sets in, 80% of the initial amount of 
SO a enters into the reaction. Determine the pressure of the gas mixture 
in equilibrium if the initial pressure was 300 kPa. 

Solution. The equation of the proceeding reaction is 

2SO s (g) + O a (g) ? 2SO s (g) 

According to the data of the example, 80%, i.e. 6.4 moles, of SO a 
entered into the reaction. Hence, 1.6 moles of SO a remained uncon¬ 
sumed. By the reaction equation, one mole of O a is consumed for 
each two moles of SO a with the formation of two moles of SO a . Hence, 
3.2 moles of O a reacted with 6.4 moles of SO a to form 6.4 moles of 
SO s ; 4 — 3.2 = 0.8 mole of O a remained unused. 

Therefore, the total number of moles of the gases was 8 -j- 4 — 12 
before the reaction, and 1.6 -f 0.8 -f 6.4 = 8.8 moles after equilib¬ 
rium was reached. In a closed vessel at constant temperature, the 
pressure of a gas mixture is proportional to the total amount of the gas 
forming it. Consequently, the pressure in equilibrium (p) can be found 
from the proportion 12 : 8.8 — 300 : p, whence 


P 


8.8 X 300 
12 


220 kPa 


Example 8. At a certain temperature, the constant of dissociation 
of hydrogen iodide into the elementary substances is 6.25 X 10~ 2 . 
What per cent of HI dissociates at this temperature? 

Solution. The equation of the reaction of HI dissociation is: 

2HI * H a + I a 

Let us denote the initial concentration of HI by c (mol/1). If by 
the moment when equilibrium sets in, x moles of each e moles of 
hydrogen iodide dissociate, according to the equation of the reaction 
0.5z moles of H a and 0.5x moles of I a are formed. Consequently, the 
equilibrium concentrations are: 

[HI] = (c — x) mol/1; [H a ] = [I a ] = 0.5x mol/1 

We introduce these values into the expression for the equilibrium 
constant of the reaction: 


w . [»,][!,] . 
[HI] 2 ’ 


6.25X10-* = 


0.5x-0.5x 

(«-*)* 


Extracting a square root from both sides of the equation, we obtain: 


0.25 = 


0.5x 
c — x 


whence x — 0.333c. 

Thus, by the moment when equilibrium sets in, 33.3% of the initial 
amount of hydrogen iodide dissociates. 

When the conditions (temperature, pressure, concentra¬ 
tion of one of the reactants or products) in which a reaction 
proceeds change, the rates of the forward and reverse pro¬ 
cesses change differently and chemical equilibrium is violat- 
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ed. As a result of the reaction proceeding more rapidly 
in one of the possible directions, a state of new chemical 
equilibrium sets in that differs from the initial one. The 
process of transition from one equilibrium state to a new 
equilibrium is called the displacement or shifting of chemical 
equilibrium. Its direction obeys Le Chatelier’s principle: 

If any change of conditions is imposed on a system in equi¬ 
librium, the equilibrium will shift in such a way as to counteract 
the imposed change. 

For instance, elevation of the temperature leads to the 
shifting of equilibrium in the direction of the reaction 
attended by the absorption of heat, i.e. by cooling of the 
system; an increase in the pressure causes equilibrium to 
shift in the direction of a decrease in the total number of 
moles of gaseous substances, i.e. in the direction leading 
to lowering of the pressure; the removal from a system of 
one of the products results in equilibrium being displaced 
in the direction of the forward reaction; diminishing of the 
concentration of one of the reactants leads to shifting of 
equilibrium in the direction of the reverse reaction. 

Example 9. In what direction will equilibrium shift in the systems 

(a) CO(g) + CI 2 (g) ■* COCl a (g) 

(b) H 2 (g) + I,(g) - 2HI(g) 

if at a constant temperature the pressure is increased by diminishing 
the volume of the gas mixture? 

Solution, (a) Proceeding of the reaction in the forward direction 
leads to diminishing of the total number of moles of the gases, i.e. 
to lowering of the pressure in the system. Consequently, according 
to Le Chatolier’s principle, an increase in the pressure causes equilib¬ 
rium to shift in the direction of the forward reaction. 

(b) The reaction is not attended by a change in the number of 
moles of the gases and thus does not result in a change in pressure. 
In this case, this change will not cause equilibrium to shift. 

The equilibrium constant K T of a chemical reaction is 
related to the standard change in the Gibbs energy of this 
reaction A G°t by the equation: 

AGt =» -2.3 RT log K t 

For 298 K (25 °C), this equation becomes: 

= —5-69 log K„, 

where A<?J 98 is expressed in kJ/raol, 
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The last equations show that A G° can have a negative 
sign only when log K > 0, i.e. K > i, and a positive one 
when log AT<0, i.e. K<ci. This means that at negative 
values of A G° equilibrium is shifted in the direction of the 
forward reaction, and the yield of the products is comparat¬ 
ively great. When A G° is positive, equilibrium is shifted 
in the direction of the reverse reaction, and the yield of 
the products of the forward reaction is comparatively small. 
It must be stressed in this connection that the sign of A G° 
indicates the possibility or impossibility of a reaction 
proceeding only in standard conditions, when all the reac¬ 
tants and products are in standard states. In the general case, 
however, the possibility (or impossibility) of a reaction is 
determined by the sign of A G, and not of A G°. 

Example 10. Using reference data, find the approximate value of 
the temperature at which the equilibrium constant of the reaction of 
formation of water gas 

C(graphite) -f- H 2 0(g) z CO(g) + H 2 (g) 

is unity. Disregard the temperature dependence of A H° and A S°. 

Solution. It follows from the equation 

A Gt = -2.3 RT log K t 

that when K-r = 1, the standard Gibbs energy of a chemical reaction 
is zero. It thus follows from the equation 

kG\=-.ISH° r -T&S° T 

that at the corresponding temperature MJ°t = T ASr, whence 

A H° r 

T =——— 

A S‘ T 

According to the data of the example, we may use the values of 
A/fjga and AS 20S of the reaction, which we find in Table 5 of the Ap¬ 
pendix, for our calculations: 

Ai/ S % 8 = Aff f ‘ orm (CO) - A^ f “ orm (H a O) - 

= -110.5-(-241.8) = 131.3 kJ 

ASJm = -Ss99(CO) + H,) - S° w { C) - Sl w ( H s O) = 

= 197.5-}-130.5— 5.7 —188.7 = 133.6 J/K = 0.1336 kJ/K 


Hence, 


131.3 
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PROBLEMS 

322. Find the value of the rate constant for the reaction 
A + B ->AB if at concentrations of substances A and B 
equal to 0.05 and 0.01 mol/1, respectively, the rate of the 
reaction is 5 X 10 _B mol/(l-min). 

323. How many times will the rate of the reaction 2A -f- 
-j- B -vAjB change if the concentration of substance A is 
doubled, and that of substance B is halved? 

324. How many times must the concentration of substance 
B 2 in the system 2A s (g) + B 2 (g) = 2A a B(g) be increased 
for the rate of the forward reaction to remain unchanged 
when the concentration of substance A is lowered to one- 
fourth of its initial value? 

325. One mole of gas A and two moles of gas B are intro¬ 

duced into one vessel, and two moles of gas A and one mole 
of gas B into a second vessel having the same capacity. The 
temperature is the same in both vessels. Will the rate of the 
reaction between gases A and B in these vessels differ if it is 
expressed by the equation (a) = Ar 1 [AJ [BJ; (b) /, = 

= k 2 [APfBl? 

326. In a certain time after the beginning of the reaction 
3A -f B -> 2C + D, the concentrations of the substances 
were [A1 = 0.03 mol/1, [B] = 0.01 mol/1, and [Cl = 
= 0.008 mol/1. What were the initial concentrations of 
reactants A and B? 

327. In the system CO + Cl 2 = COCl 2 , the CO concentra¬ 
tion was increased from 0.03 to 0.12 mol/1, and that of the 
chlorine from 0.02 to 0.06 mol/1. How many times did the 
rate of the forward reaction increase? 

328. The reaction between substances A and B is expressed 
by the equation A -f 2B -> C. The initial concentrations 
of the reactants are [A]„= 0.03 mol/1 and [BJ 0 — 0.05 mol/1. 
The rate constant of the reaction is 0.4. Find the initial rate 
of the reaction and the rate after a certain time when the 
concentration of substance A diminishes by 0.01 mol/1. 

329. How will the rate of the reaction 2NO(g) -f 0 2 (g) -* 
->2N0 2 (g) change if (a) the pressure in the system is increased 
three times; (b) the volume of the system is diminished 
to one-third of its initial value; and (c) the concentration 
of the NO is increased three times? 
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330. Two reactions proceed at 25 °C at the same rate. The 
temperature coefficient of the rate of the first reaction is 
2.0, and of the second, 2.5. Find the ratio of the rates of these 
reactions at 95 °C. 

331. What is the temperature coefficient of the reaction 
rate if the rate grows 15.6 times when the temperature is 
increased by 30 kelvins? 

332. The temperature coefficient of the rate of a reaction 
is 2.3. How many times will the rate of the reaction increase 
if the temperature is raised by 25 kelvins? 

333. At 150 °C, a reaction terminates in 16 minutes. 
Assuming the temperature coefficient of the reaction rate to 
be 2.5, calculate how long it will take this reaction to termi¬ 
nate if it is conducted (a) at 200 °C, and (b) at 80 °C. 

331. Will the value of the rate constant of a reaction 
change (a) when one catalyst is replaced with another one, 
and (b) when the concentrations of the reactants and products 
are changed? 

335. Does the heat effect of a reaction depend on its 
activation energy? Substantiate your answer. 

336. For which reaction—the forward or the reverse one—is 
the activation energy greater if the forward reaction proceeds 
with the liberation of heat? 

337. How many times will the rate of a reaction proceed¬ 
ing at 298 K grow if its activation energy is lowered by 
4 kJ/mol? 

338. What is the activation energy of a reaction if its rate 
doubles when the temperature is raised from 290 to 300 K? 

339. What is the value of the activation energy for a reac¬ 
tion whose rate at 300 K is ten times greater than at 
280 K? 

340. The activation energy of the reaction 0 3 (g) + 
+ NO{g) -v 0,(g) + NO,(g) is 10 kJ/mol. How many times 
will the rate of the reaction change when the temperature is 
raised from 27 to 37 °C? 

341. Does the temperature coefficient of the reaction rate 
depend on the value of the activation energy? Substantiate 
your answer. 

342. Does the value of the activation energy of a reaction 
in heterogeneous catalysis depend on the surface area of the 
catalyst and on its structure? 
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343. The reaction 2H a (g) 4- 0 2 (g) -> 2H a 0(g) proceeds 
with the liberation of heat. For the reaction to begin, how¬ 
ever, the initial mixture of gases has to be heated. How can 
this be explained? 

344. Depict schematically the energy diagram of the 
exothermic reaction A + B=r±AB. Which reaction—the 
forward or the reverse one—is characterized by a greater 
rate constant? 

345. Depict schematically the energy diagram of the reac- 

fta 

tion A ^ B C if k x > ft a > k 3 , and for the reaction as 

hz 

a whole AH > 0. 

346. Why does the initiation of the chain in the chain 
reaction H a ~f Cl a = 2HCI begin with the radical Cl -, and 
not with the radical H-? 

347. The reaction CO 4 Cl 2 COCl a proceeds in a 
cloced vessel at a constant temperature; the reactants are 
taken in equivalent amounts. When equilibrium sets in, 
50% of the initial amount of CO remains. Determine the 
pressure of the equilibrium gas mixture if the initial pressure 
was 100 kPa (750 mmHg). 

348. The equilibrium CO a (g) + H a (g) =*= CO(g) 4 H a O(g) 
has set in in a closed vessel; the equilibrium constant is unity. 
Determine (a) what per cent of the CO a is transformed 
into CO at the given temperature if one mole of CO a and five 
moles of H a are mixed, and (b) the volume proportions in 
which the CO a and H a were mixed if by the moment when 
equilibrium was established, 90% of the original amount of 
hydrogen entered into the reaction. 

349. When the system 

N s (g) 4 3H 2 (g) ** 2NH s (g); A H° = -92.4 kJ 

is in equilibrium, the concentrations of the reactants and 
product are [N a ] — 3 mol/1; [H a ] = 9 mol/I, and [NH 3 1 = 
= 4 mol/1. Determine (a) the initial concentrations of H a 
and N a , (b) the direction in which equilibrium will be dis¬ 
placed with elevation of the temperature, and (c) the direc¬ 
tion in which equilibrium will be displaced if the volume of 
the reaction vessel is diminished. 

350. The equilibrium constant of the reaction FeO(c) -f- 
-|-CO(g) Fe(c) -h C0 2 (g) at a certain temperature is 0.5. 
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Find the equilibrium concentrations of the CO and CO a if the 
initial concentrations of these substances were [CO] 0 — 
== 0.05 mol/1 and [CO a l 0 = 0.01 mol/1. 

351. Equilibrium in the system H a (g) + I a (g) **= 2HI(g) 
set in at the following concentrations; [H a ] = 0.025 mol/1, 
[I a ] = 0.005 mol/1, and [HI] = 0.09 mol/1. Determine the 
initial concentrations of the iodine and hydrogen. 

352. At a certain temperature, equilibrium in the system 
2NO a 2NO + O s was established at the following concen¬ 
trations: [NO a ] = 0.006 mol/1, [NO] = 0.024 mol/1, and 
[O a ] = 0.012 mol/1. Find the equilibrium constant of the 
reaction and the initial concentration of the NO a . 

353. For the reaction H a (g) + Br a (g) 2HBr(g) at a cer¬ 
tain temperature, K — 1. Determine the composition (in 
per cent by volume) of the equilibrium reaction mixture if 
the initial mixture consisted of 3 moles of H 2 and 2 moles 
of Br a . 

354. The equilibrium constant of the reaction A(g) + 
-f B(g) C(g) + D(g) is unity. What per cent of substance A 
will be transformed if three moles of substance A are mixed 
with five moles of spbstance B? 

355. After the mixing of gases A and B, equilibrium sets 
in in the system A(g) -f B(g) C(g) -f- D(g) at the follow¬ 
ing concentrations: [B] = 0.05 mol/1, and [C] —0.02 mol/1. 
The equilibrium constant of the reaction is 4 X 10 _a . Find 
the initial concentrations of substances A and B. 

356. Find the equilibrium constant of the reaction N a 0 4 
3F±2NO a if the initial concentration of the N a 0 4 was 
0.08 mol/1, and by the moment when equilibrium was estab¬ 
lished 50% of the N 2 0 4 had dissociated. 

357. The reaction AB(g) ^ A(g) -f B(g) proceeds in a 
closed vessel. The equilibrium constant of the reaction is 
0.04, and the equilibrium concentration of substance B is 
0.02 mol/1. Find the initial concentration of substance AB. 
What per cent of substance AB decomposed? 

358. The equilibrium constant of the reaction A -f- B 
sFfcC.+ D is unity. The initial concentration [A] o =0.02 mol/1. 
What per cent of substance A transforms if the initial con¬ 
centrations CB] 0 equal 0.02, 0.1, and 0.2 mol/1? 

359. The system 

C(graphite) -f C0 2 (g) ** 2C0(g); A H° — 172.5 kl 
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is in a state of equilibrium. Indicate (a) how the content of 
the CO in the equilibrium mixture will change with elevation 
of the temperature at a constant pressure, and with an in¬ 
crease in the total pressure at a constant temperature, and 
(b) whether the equilibrium constant will change with an 
increase in the total pressure and at a constant temperature, 
when the temperature is raised, and when a catalyst is intro¬ 
duced into the system. 

360. In what direction will the following equilibria 
shift: 

2CO(g) + O a (g) ** 2CO s (g); A//° - -566 kJ 
Njj(g) + O a (g) ** 2NO(g); MP = 180 kJ 

(a) when the temperature is lowered? (b) when the pressure 
is increased? 

361. How is the equilibrium of the following reactions: 

2H a (g) + O a (g) ^ 2H a O(g); Atf° = -483.6 kJ 
CaCO s (c) CaO(c) + CO a (g); A H° = 179 kJ 

aSected by (a) an increase in the pressure, and (b) elevation 
of the temperature? 

362. Indicate by what changes in the concentrations of the 
reactants and product the equilibrium of the reaction 
CO a (g) + C(graphite) *=* 2CO(g) can be shifted to the right. 

363. In what direction does equilibrium of the reaction 
A a (g) + B a (g) 2AB{g) shift if the pressure is doubled and 
the temperature is simultaneously increased by 10 kelvins? 
The temperature coefiicients of the rates of the forward and 
reverse reactions equal 2 and 3, respectively. What is the 
sign of A H° for this reaction? 

364. Using tabulated data, calculate the equilibrium con¬ 
stants for the following reactions at 298 and at 1000 K: 

(a) H a O(g) + CO(g) ** CO a (g) + H a (g) 

(b) CO a (g) + C(graphite) 2CO(g) 

(c) N a (g) + 3H a (g) ** 2NH a (g) 

Disregard the changes in A H° and A S° with the temperature, 

365. Calculate the temperature at which the equilibrium 
constant of the reaction 2NO a (g) N 2 0 4 (g) equals unity. 
Disregard the changes in A H° and A S° with the temperature. 
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In what direction will equilibrium shift at a lower tempera¬ 
ture? 

366. Assuming that AH 0 and AS 0 for the reaction 

4HCl(g) 4- 0 2 (g) 2H 2 0(g) 4- 2Cl 2 (g) do not depend on 

the temperature, find the temperature at which the equi¬ 
librium constant of this reaction is unity. 

367. The standard change in the Gibbs energy for the reac¬ 
tion A -f- B AB at 298 K is —8 kJ/mol. The initial 
concentrations are [A] 0 — [B] 0 = 1 mol/1. Find the equilib¬ 
rium constant of the reaction and the equilibrium concentra¬ 
tions of substances A, B, and AB. 

368. Why does a reaction virtually fail to proceed in many 
cases although A G° for the reaction is negative? In what 
ways can a reaction be made to occur in such cases? 

369. The value of AG° within a certain temperature inter¬ 
val is positive for the reaction A a (g) + B 2 (g) 2AB(g). 

Does this mean that substance AB cannot be obtained in 
this temperature interval by the direct reaction of A 2 and 
B 2 ? Substantiate your answer. 

REVIEW QUESTIONS 

370. How will the rate of the reaction 2NO -j- 0 2 -* 2NO a 
change if the volume of the reaction vessel is doubled? (a) It 
will diminish to one-fourth of its initial value; (b) it will 
diminish to one-eighth of its initial value; (c) it will grow 
four times; (d) it will grow eight times. 

371. How can one explain the growth in the reaction rate 
when a catalyst is introduced into a system? (a) By a decrease 
in the activation energy; (b) by an increase in the average 
kinetic energy of the molecules; (c) by a growth in the num¬ 
ber of collisions; (d) by a growth in the number of active 
molecules. 

372. Which of the following procedures will lead to a 
change in the rate constant of a reaction? (a) A change in 
the pressure; (b) a change in the temperature; (c) a change in 
the volume of the reaction vessel; (d) the introduction of a 
catalyst into the system; (e) a change in the concentration of 
the reactants and products. 

373. How does agitation affect the rate of a heterogeneous 
chemical reaction? (a) In all cases it increases the rate of the 
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reaction; (b) in some cases it increases the rate of the reac¬ 
tion; (c) it does not affect the rate of the reaction. 

374. The increase in a reaction rate with temperature is 
due chiefly to: (a) an increase in the average kinetic energy 
of the molecules; (b) a growth in the number of active mole¬ 
cules; (c) a growth in the number of collisions. 

375. The rate of which reactions increases with tempera¬ 
ture? (a) Of any; (b) of reactions proceeding with the evolu¬ 
tion of energy; (c) of reactions proceeding with the absorp¬ 
tion of energy. 

376. If the rate constant of one reaction ( k') is greater 
than that of a second reaction (k"), what relationship between 
the activation energies of these reactions is correct? (a) E'C> 
> El ; (b) El < El; (c) it cannot be determined. 

377. Which of the following procedures lead to a change iu 
the value of the equilibrium constant of a chemical reaction? 
(a) A change in the pressure; (b) a change in the temperature; 

(c) replacement of the catalyst; (d) a change in the concentra¬ 
tions of the reactants and products. 

378. If the volume of a closed reaction vessel in which 
the equilibrium 2SO a (g) + O a (g) **= 2S0 3 (g) set in is 
halved, (a) the rates of the forward and reverse reactions will 
remain the same; (b) the rate of the forward reaction will 
become double that of the reverse one; (c) equilibrium will 
not shift; (d) equilibrium will shift to the right; (e) equi¬ 
librium will shift to the left. 

379. What changes will cause equilibrium to shift to the 
left in the system 4HCl(g) + 0 2 (g) *=fc2Cl 2 (g) -f 2H a O(g)? 
(a) An increase in the concentration of the 0 2 ; (b) an increase 
in the concentration of the Cl 2 ; (c) an increase in the pressure; 

(d) an increase in the volume of the reaction vessel. 

380. In what direction will equilibrium shift in the system 
4Fe(c) + 30 a (g) *=fc2Fe 2 0 3 {c) when the pressure grows? 
(a) In the direction of the forward reaction; (b) in the direc¬ 
tion of the reverse reaction; (c) in no direction. 

381. What changes will increase the equilibrium concen¬ 
tration of product AB in the system A(g) + B(g) =?=* AB(g) if 
AH 0 of the reaction is negative? (a) The introduction of 
a catalyst into the system; (b) elevation of the temperature; 
(c) lowering of the" temperature; (d) the introduction of an 
extra amount of substance B into the reaction vessel. 
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382. For a spontaneously proceeding reaction, A S° < 0. 
How will the equilibrium constant change with elevation of 
the temperature? (a) It will increase; (b) it will diminish; 
(c) the data of the problem do not allow the change to be 
determined. 

383. The value of the equilibrium constant of the reac- 

tion H 2 0(g) H 2 (g) -f g 0 2 (g) grows with the temperature. 

What is the sign of AH° wt for this reaction? (a) A H° > 0; 
(b) A H° < 0; (c) the data of the problem do not allow it to 
be determined. 

384. We have A G° > 0 for a reaction. Which of the fol¬ 
lowing statements are correct? (a) K >1; (b) K < 4; (c) the 
products predominate in the equilibrium mixture; (d) the 
reactants predominate in the equilibrium mixture. 

385. The equilibrium constant of a reaction at 293 K is 
5 X 10~ 3 , and at 1000 K it is 2 x 10 -8 . What is the sign of 
A H° for this reaction? (a) A H° > 0; (b) A H° < 0. 
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1. Concentration of Solutions. Solubility 

The concentration of a solution is defined as the content 
of the solute in a definite mass or a definite volume of the 
solution or solvent. 

The ways of expressing the concentration used in chemistry 
are given below: 


Ways of expressing 
concentration 

Per cent concentration by mass 

(«) 


Molar-volume concentration or 
molarity ( c m ) 


Molal concentration or molal- 
ity (m) 


Equivalent concentration or 
normality (c n ) 

Mole fraction: 
of solute (z s ) 


of solvent (*i) 


Definition 

The number of mass units of sol¬ 
ute contained in 100 units of 
mass of solution; for example, 
c=32.5% (mass) 

The number of moles of solute 
dissolved in one litre of solu¬ 
tion; for example, c m = l .5 M 
or c m =1.5 mol/1 

The number of moles of solute 
dissolved in 1000 g of solvent; 
for example, m = 1.5 moles per 
1000 g of H,0 

The number of solute equivalents 
in one litre of solution; for ex¬ 
ample, c n =0.75 N 

The ratio of the number of moles 
of solute (n s ) to the sum ol the 
numbers of moles of the solvent 
(i>x) and the solute: 

xt — ni/inx + nt) 

The ratio of the number of moles 
of solvent (n^ to the sum of the 
number of moles of the solvent 
and solute: 

*! = !»,/(»! + » s ) 
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Example 1. 50 g of the crystal hydrate FeS0 4 -7H 2 0 were dissolved 
in 250 g of water. Calculate the per cent concentration of the crys¬ 
tal hydrate and the anhydrous iron(II) sulphate in the solution. 

Solution. The mass of the solution obtained is 300 g. We find the 
per cent concentration of the crystal hydrate from the proportion.: 

300 g of solution — 100% 

50 g of crystal hydrate — z% 


50X100 

300 


16.7% 


Now we calculate the content of the anhydrous salt in 50 g of the 
crystal hydrate. The molar mass of FeS0 4 -7H 2 0 is 278 g/mol, and 
that of FeS0 4 is 152 g/mol. We find the content of FeS0 4 in 50 g of 
FeSO t -7H a O from the proportion: 

278:152 = 50: s; * = -^l^-==27.4_g 


Hence, the per cent concentration of the anhydrous salt in 300 g 
of the solution is 


27.4X100 

300 


=9.1% 


Example 2. Find the masses of water and of blue vitriol 
CuS0 4 -5H a O needed to prepare one litre of a solution containing 
8% of the anhydrous salt. The density of an 8% solution of CuS0 4 is 
p = 1.084 g/ml. 

Solution. The mass of one litre of the solution obtained will be 
1.084 X 1000 = 1084 g. This solution must contain 8% of the anhy¬ 
drous salt, i.e. 1084 X 0.08 = 86.7 g. We find the mass of CuS0 4 *5H 2 0 
(its molar mass is 249.7 g/mol) containing 86.7 g of the annydrous 
salt (molar mass 159.6 g/mol) from the proportion 

249.7 : 159.6 = * : 86.7 


z 


249.7 X 86.7 
159.6 


= 135.6 g 


The mass of the water needed to prepare the solution is 1084 — 
- 135.6 = 948.4 g. 

Example 3. What volume of 96% sulphuric acid (with a density 
of 1.84 g/ml) and what mass of water must be taken to prepare 100 ml 
of a 15% solution of H 2 S0 4 (p = 1.10 g/ml)? 

Solution. We find the mass of 100 ml of a 15% solution of H 2 S0 4 . 
It is 100 X 1.10 = 110 g. The mass of H 2 S0 4 in 110 g of this solu¬ 
tion is 15 X 110/100 = 16.5 g. 

We now find the volume of a 96% solution containing 16.5 g of 

H. S0 4 , One millilitre of the solution with a mass of 1.84 g contains 

I. 84 X 0.96 = 1.77 g of H 2 S0 4 . Consequently, the required volume 
of the initial solution of H 2 S0 4 is 16.5/1.77 = 9.32 ml. 

Hence, to prepare 100 ml of a 15% solution of H a S0 4 , we need 
9.32 ml of a 96% solution of the acid and 110—16.5 = 93.5 g ofH a O. 
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Example 4. What volume of water must he added to 200 ml of 
a 30% solution of NaOH (p — 1.33 g/ml) to obtain a 10% solution 
of the alkali? 

Solution. The mass of 200 ml of the initial solution of NaOH is 
200 X 1.33 = 266 g. This solution contains 30% of NaOH, i.e. 
266 X 0.3 = 79.8 g. According to the data of the example, this mass 
is 10 % of the total mass of the dilute solution. Consequently, the mass 
of the solution obtained will be (79.8/10) X 100 = 798 g. Hence, 
798 — 266 = 532 g of water must no added to the initial solution. 

Example 5. Find the molality and the mole fraction of the solute 
in a 67% solution of saccharose C 12 H 2a O,j. 

Solution. We calculate the mass of the saccharose per 1000 g of 
water from the proportion: 


1000:33=*: 67; 


67 X1000 
33 


—2030 g 


Since the molar mass of saccharose is 342 g/mol, the molality is 
m = 2030/342 = 5.96 moles per 1000 g of H a O. 

The mole fraction of the solute is x t = n 2 /(n, + n a ). 100 g of the 
solution contain 67 g of saccharose and 33 g of water, whence n, = 
= 33/18 = 1.83 and n 2 = 67/342 - 0.196. Hence: 


x a 


0.196 

1.83+0.196 


0.097 


Example 6. Find the molality, normality, and molarity of a 15% 
solution of HjSOj (p = 1.10 g/ml). 

Solution. To calculate the molality, let us first find the mass of 
the sulphuric acid per 1000 g of water: 

1000 : 85=*: 15; s=- 5 - % - ^. =176.5 g 
85 s 


The molar mass of H a S0 4 is 98 g/mol; hence, m = 176.5/98 = 
= 1.80 moles per 1000 g of H*0. 

To calculate the normality and the molarity of the solution, we 
shall find the mass of the sulphuric acid contained in 1000 ml (i.e. 
in 1000 X 1.1 — 1100 g) of the solution: 


1100:100 = y: 15; y = -? 100 ^ 15 =165 g 


The equivalent mass of sulphuric acid is 49 g/mol. Consequently, 
c n = 165/49 = 3.37 N and c m — 165/98 = 1.68 mol/1. 

Example 7. What volumes of 2 and 6 M solutions of HC1 have to 
be mixed to prepare 500 ml of a 3 M solution? Disregard the change 
in the volume in mixing. 

Solutton. 500 ml of a 3 M solution contain 0.5 X 3 = 1.5 moles 
of HC1. Let us denote the required volume of the 6 M solution by 2 ; 
hence, the required volume of the 2 M solution will be (0.5 — z) 
litres, z Litres of a 6 M solution contain 6z moles of HC1, while 
(0.5 — 2 ) litres of a 2 AT solution contain 2 (0.5 — 2 ) moles of HC1. 
Since the total number of moles must equal 1.5, we can write: 

6* + 2 (0.5 — z) = 1.5; a = 0.125 1 
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Consequently, to prepare the required solution, we must take 
125 ml of the 6 M and 375 ml of the 2 M solution of HC1. 

Example 8. To neutralize 42 ml of H a S0 4) it was necessary to 
add 14 ml of a 0.3 N alkali solution. Determine the molarity of the 
HgSO* solution. 

Solution. Since the substances react in equivalent amounts, we 
can write 

c n, ac^ac — c n. alk^alk 

where c Di AC and c n , alk are the normalities of the acid and alkali, 
and V ac and 7 a iir are the relevant volumes. 

Consequently, 

■14 * n 3 

c n, ac X 42 —14 X 0.3; c n> ac = -i^^-=0.1 

i.e. the concentration of the acid is 0.1 N. The equivalent of sulphuric 
acid is 0.5 mole. Hence, the molarity of the acid is 0.1 X 0.5 = 
= 0.05 mol/l. 


The solubility of a substance is measured by the concen¬ 
tration of its saturated solution. The solubility of solids 
and liquids is usually expressed by the value of the solubil¬ 
ity coefficient, i.e. the mass of a substance dissolving in 
given conditions in 100 g of the solvent with the formation 
of a saturated solution. 

The solubility of gases is often characterized by the 
absorption coefficient, which expresses the volume of a gas 
dissolving in one volume of the solvent with the forma¬ 
tion of a saturated solution. According to Henry’s law, 
the mass of a gas that dissolves at a constant temperature in 
a given volume of a liquid is directly proportional to the partial 
pressure of the gas . It follows from Henry’s law that the 
volume of a dissolving gas (and, consequently, the absorp¬ 
tion coefficient) does not depend on its partial pressure at 
a given temperature. 

Example 9. A saturated solution of KNO a contains 52.4% of 
the salt at 60 °C. Find the solubility coefficient of the salt at this 
temperature. 

Solution. We find the solubility coefficient from the proportion: 


52.4 g of KNO g fall to 47.6 g of H 2 0 
s g of KNO g fall to 100 g of H 2 0 
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Hence, the solubility of KNO s at 60 °C is 110 g in 100 g of H s O. 

Example 10. When 300 g of a 15% solution were cooled, part 
of the solute precipitated, ana the concentration of the solution became 
equal to 8%. What is the mass of the precipitated substance? 

Solution. 300 g of a 15% solution contain 45 g of the solute 
and 255 g of the solvent. Upon cooling, the amount of the solvent 
did not change. We find the content of the solute in 255 g of the sol¬ 
vent from the proportion: 

92 g of the solvent contain 8 g of the substance 
255 g of the solvent contain z g of the substance 


8x255 
* ~ 92 


22.2 g 


Therefore, when the solution was cooied, 45 — 22.2 = 22.8 g 
of the solute precipitated. 

Example 11. The absorption coefficients of oxygen and nitrogen 
at 0 °C are 0.049 and 0.023, respectively. A gas mixture containing 
20% (vol.) 0 2 and 80% (vol.) N a was agitated with water at 0 °C until 
a saturated solution was obtained. Find the per cent content (by vol¬ 
ume) of the gases dissolved in the water. 

Solution. According to the data of the example, 49 ml of 0 2 and 
23 ml of N 2 dissolve in one litre of water. These volumes cannot be 
compared directly, however, because the partial pressures of the dis¬ 
solved gases are different and are 0.2 and 0.8 of the total pressure of 
the gas mixture, respectively. If we take the latter as unity, the vol¬ 
umes of the dissolved oxygen and nitrogen reduced to this pressure will 
be 49 X 0.2 = 9.8 ml of O s and 23 X 0.8 = 18.4 ml of N a ; the 
total volume of the dissolved gases, consequently, will be 9.8 4- 
+ 18.4 = 28.2 ml. 

We find the per cent content of each gas: 


9.8 X100 


28.2 


=35% (vol.) 0 2 and 


18.4 X 100 
28.2 


= 65% (vol.) N 2 


PROBLEMS 

38(5. Express in per cent the concentration of a solution 
containing 40 g of glucose in 280 g of water. 

387. How many grams of Na 2 S0 3 are needed to prepare 
five litres of an 8% solution (p = 1.075 g/ml)? 

388. One millilitre of a 25% solution contains 0.458 g of 
the solute. What is the density of the solution? 

389. One hundred grams of water were evaporated from 
400 g of a 50% solution of H 2 S0 4 . What is the per cent con¬ 
centration of the remaining solution? 
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390. At 25 °C, the solubility of NaCl is 36.0 g in 100 g of 
water. Express the concentration of the saturated solution 
in per cent. 

391. How many grams of a 30% solution of NaCl must be 
added to 300 g of water to obtain a 10% solution of the salt? 

392. In what mass of water must 67.2 litres of HC1 be 
dissolved (the volume is measured in standard conditions) 
to obtain a 9 % solution of HC1? 

393. What mass of a 20% solution of KOH must be added 
to 1 kg of a 50% solution to obtain a 25% solution? 

394. Determine the per cent concentration of a solution 
obtained by mixing 300 g of a 25% and 400 g of a 40% solu¬ 
tion. 

395. When 400 g of a 20% solution were cooled, 50 g of 
the solute precipitated. What is the per cent concentration 
of the remaining solution? 

396. What volume of water has to be added to 100 ml of 
a 20% solution of H 2 S0 4 (p = 1.14 g/ml) to obtain a 5% 
solution? 

397. One litre of water was added to 500 ml of 32% 
HNO s (p = 1.20 g/ml). What is the per cent concentration 
of the HN0 3 in the solution obtained? 

398. To what volume must 500 ml of a 20% solution of 
NaCl (p= 1.152 g/ml) be diluted to obtain a 4.5% solution 
(p = 1.029 g/ml)? 

399. Find the per cent concentration of a nitric acid 
solution, one litre of which contains 224 g of HN0 9 (p = 
= 1.12 g/ml). 

400. The density of a 26% solution of KOH is 1.24 g/ml. 
How many moles of KOH are contained in five litres of the 
solution? 

401. To prepare a 5% solution of MgS0 4 , 400 g of 
MgS0 4 -7H 2 0 were taken. Find the mass of the solution 
obtained. 

402. How many moles of MgS0 4 *7H 2 0 must be added to 
100 moles of water to obtain a 10% solution of MgS0 4 ? 

403. Determine the per cent concentration of CuS0 4 in 
the solution obtained when 50 g of blue vitriol CuS0 4 -5H 2 0 
were dissolved in 450 g of water. 

404. In what mass of water must 25 g of CuS0 4 -5H 2 0 be 
dissolved to obtain an 8 % solution of CuS0 4 ? 
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405. How many grams of Na 2 SO 4 '10H a O have to be dis¬ 
solved in 800 g of water to obtain 10% Na 2 S0 4 ? 

406. How many grams of a 2% solution of AgN0 3 will 
produce 14.35 g of an AgCl precipitate when reacted with an 
excess amount of NaCl? 

407. How many litres of NH a (the volume is measured in 
standard conditions) must be dissolved in 200 g of a 10% 
solution of NH 4 OH to obtain a 15% solution of the ammonium 
hydroxide? 

408. How many grams of S0 3 have to be dissolved in 400 g 
of H a O to produce a 15% solution of H 2 S0 4 ? 

409. Find the mass of NaN0 3 needed to prepare 300 ml of 
a 0.2 M solution. 

410. How many grams of Na 2 C0 3 are contained in 500 ml 
of a 0.25 N solution? 

411. What volume of a 0.1 JV solution contains 8 g of 
CuS0 4 ? 

412. To neutralize 30 ml of a 0.1 N solution of an alkali, 
12 ml of an acid solution were needed. Determine the normali¬ 
ty of the acid. 

413. Find the molarity of a 36.2% solution of HC1 whose 
density is 1.18 g/ml. 

414. What volume of a 1 M solution and what volume of 
a 1 N solution contain 114 g of A1 2 (S0 4 ) 3 ? 

415. The solubility of cadmium chloride at 20 °C is 114.1 g 
in 100 g of water. Calculate the per cent concentration and 
the molality of a saturated solution of CdCl 2 . 

416. How many millilitres of a 96% solution of H 2 S0 4 
(p = 1.84 g/ml) must be taken to prepare 1 litre of a 0.25 N 
solution? 

417. How many millilitres of a 0.5 M solution of H a S0 4 
can be prepared from 15 ml of a 2.5 M solution? 

418. What volume of a 0.1 M solution of H 3 P0 4 can be pre¬ 
pared from 75 ml of a 0.75 N solution? 

419. What volume of a 6.0 M solution of HC1 must bo 
taken to prepare 25 ml of a 2.5 M solution of HC1? 

420. The density of a 40% solution of HN0 3 is 1.25 g/ml. 
Calculate the molarity and the molality of this solu¬ 
tion. 

421. Calculate the per cent concentration of a 9.28 N 
NaOH solution (p = 1.310 g/ml). 
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422. Calculate the mole fractions of alcohol and water in 
a 96% solution of ethyl alcohol. 

423. 666 g of KOH are dissolved in 1 kg of water; the 
density of the solution is 1.395 g/ml. Find (a) the per cent 
concentration, (b) the molarity, (c) the molality, and (d) the 
mole fractions of the alkali and the water. 

424. The density of a 15% solution of H 2 S0 4 is 1.105 g/ml. 
Calculate (a) the normality, (b) the molarity, and (c) the 
molality of the solution. 

425. The density of a 9% solution of saccharose C 12 H 22 O n 
is 1.035 g/ml. Calculate (a) the concentration of the saccha¬ 
rose in g/1, (b) the molarity, and (c) the molality of the 
solution. 

426. How many grams of water must be taken to prepare 
a solution of sodium chloride containing 1.50 moles of NaCl 
per 1000 g of H 2 0 if 10 g of NaCl are at hand? 

427. How many millilitres of a 2 N solution of H 2 S0 4 are 
needed to prepare 500 ml of a 0.5 N solution? 

428. What volume of a 0.05 N solution can be obtained 
from 100 ml of a 1 N solution? 

429. What volume of a 2 M solution of Na a C0 3 must be 
taken to prepare one litre of a 0.25 N solution? 

430. How many millilitres of concentrated hydrochloric 
acid (p = 1.19 g/ml) containing 38% HC1 must be taken to 
prepare one litre of a 2 N solution? 

431. 400 ml of water were added to 100 ml of 96% H a S0 4 
(density 1.84 g/ml) to obtain a solution having a density 
of 1.220 g/ml. Calculate its per cent and equivalent con¬ 
centrations. 

432. Calculate the normality of concentrated hydrochloric 
acid (density 1.18 g/ml) containing 36.5% HC1. 

433. How many millilitres of 10% sulphuric acid (p = 
= 1.07 g/ml) are needed for neutralizing a solution contain¬ 
ing 16.0 g of NaOH? 

434. One litre of a solution contains 18.9 g of HN0 3 , and 
one litre of another solution contains 3.2 g of NaOH. In 
what volume ratio must these solutions be mixed to obtain 
a solution having a neutral reaction? 

435. What volume of a 0.2 N alkali Solution is needed to 
precipitate all the iron contained in 100 ml of a 0.5 N solu¬ 
tion of FeCl 3 in the form of Fe(OH) 3 ? 
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436. How many grams of CaCO s will precipitate if an 
excess of a soda solution is added to 400 ml of a 0.5 N solu¬ 
tion of CaCl 2 ? 

437. Eight millilitres of an NaOH solution were needed 
to neutralize 20 ml of a 0.1 N acid solution. How many grams 
of NaOH does one litre of the NaOH solution contain? 

438. The neutralization of 40 ml of an alkali solution 
required 24 ml of a 0.5 N H 2 S0 4 solution. What is the 
normality of the alkali solution? What volume of a 0.5 N 
solution of HC1 would be needed for the same purpose? 

439. To neutralize a solution containing 2.25 g of an 
acid, 25 ml of a 2 N alkali solution were needed. Determine 
the equivalent mass of the acid. 

440. The neutralization of 20 ml of a solution containing 
12 g of an alkali per litre required 24 ml of a 0.25 N acid 
solution. Calculate the equivalent mass of the alkali. 

441. What volume of a 15% solution of H 2 S0 4 (p = 
= 1.10 g/ml) is needed for the complete dissolving of 24.3 g 
of Mg? of 27.0 g of Al? 

442. For the complete precipitation of BaS0 4 from 100 g 
of a 15% solution of BaCl 2 , 14.4 ml of H 2 S0 4 were needed. 
Find the normality of the H 2 S0 4 solution. 

443. 300 g of NH 4 C1 were dissolved with heating in 500 g 
of water. What mass of NH 4 C1 will precipitate from the solu¬ 
tion when it is cooled to 50 °C if the solubility of NH 4 C1 
at this temperature is 50 g in 100 g of water? 

444. The solubility of potassium chlorate at 70 °C is 
30.2 g, and at 30 °C, 10.1 g in 100 g of water. How many 
grams of potassium chlorate will precipitate from 70 g of 
a solution saturated at 70 °C if it is cooled to 30 °C? 

445. The solubility coefficient of copper sulphate at 30 6 C 
is 25 g per 100 g of H 2 0. Will an 18% solution of the salt 
be saturated at this temperature? 

446. How many grams of potassium nitrate will crystal¬ 
lize from 105 g of a solution saturated at 60 °C if it is cooled 
to 0 °C? The solubility coefficients of the salt at these tem¬ 
peratures are 110 g and 13 g in 100 g of H 2 0, respec¬ 
tively. 

447. One litre of water is saturated with C0 2 at 0 °C under 
a pressure of 506.6 kPa (3800 mmHg). What volume will the 
dissolved gas occupy if it is separated from the water and 
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reduced to standard conditions? The solubility of CO a 
at 0 °C is 171 ml in 100 ml of H a O. 

448 . The solubility of ammonia at 20 °G is 702 ml in 1 ml 
of water. Express the concentration of a saturated ammonia 
solution in per cent by mass. Assume that the partial 
pressure of the NH S equals standard atmospheric pressure. 

419. One litre of water at 0 °C dissolves 4.62 litres of 
H a S. At what pressure must the H a S be dissolved to obtain 
a 5% solution? 

450 . Assuming that the atmospheric air contains 21% 
(vol.) O a and 79% (vol.) N a , calculate the per cent composi¬ 
tion (by volume) of the air liberated from water having a tem¬ 
perature of 20 °C. The coefficient of absorption of oxygen 
at this temperature is 0.031, and that of nitrogen 0.0154. 

451 . A gas mixture containing 40% (vol.) N a O and 
60% (vol.) NO was dissolved at 17 °C and constant pressure 
in water up to complete saturation of the latter. Calculate 
the per cent composition (by volume) of the gas mixture 
after it is liberated from the water if at 17 °C the coefficients 
of absorption of N a O and NO are 0.690 and 0.050, respec¬ 
tively. 

452 . The coefficient of absorption of CO a at 0 °C is 1.71. 
At what pressure will be the solubility of CO a in water at 
the same temperature 16 g/1? 

2. Energy Effects in the Formation 
of Solutions 

The enthalpy of solution of a substance is defined as 
the change in the enthalpy when one mole of the substance 
dissolves in the given solvent. 

It must be remembered that the enthalpy of solution de¬ 
pends on the temperature and the amount of solvent taken. 
The values cited in the given section relate, unless otherwise 
indicated, to room temperature (18-20 °C) and dilute 
solutions (400-800 moles of water per mole of solute). 

Example 1. When 10 g of ammonium chloride were dissolved 
in 233 g of water, the temperature lowered by 2.80 K. Determine 
the enthalpy of solution of NH 4 Cl. 

Solution. When the above amount of salt is dissolved, a quite 
dilute solution is formed whose specific heat capacity (c) can be taken 
equal to that of water, i.e. 4.18 J/(g-K). The total mass of the solu- 
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tion (m) Is 243 g. We use the drop in the temperature (At) to find 
the amount of heat absorbed: 

0 = cm At = 4.18 X 243 (—2.80) = —2844 J « —2.84 kj 

Consequently, the change in the enthalpy when 10 g of the salt 
are dissolved is 2.84 kJ. The molar mass of NH 4 C1 is 53.5 g/mol. 
Hence, the enthalpy of solution of the salt is: 

. „ 2.84 X 53.5 , 

AH — - 77 --= 15.2 kX/mol 

10 

Example. 2. When 10 g of anhydrous calcium chloride were dis¬ 
solved in water, 6.82 kJ were evolved, while when 10 g of the crystal 
hydrate CaCl 2 -6H 2 0 were dissolved in water, 0.87 kJ was absorbed. 
Calculate the enthalpy of formation of the crystal hydrate from the 
anhydrous salt and water. 

Solution. The process of dissolving the anhydrous salt can be 
represented as proceeding in two steps: 

CaCl 2 (c) + 6 H a O(lq) = CaCl a -6H 8 0(c) (A H t ) 

CaCl*-6H*0(c) + /»H a O(lq) = 

= CaCl 8 (sol) + (n -j- 6 )H a O(sol) (A H t ) 

where “sol” stands for solution; AH t is the enthalpy of formation of 
the crystal hydrate, and A// a is the enthalpy of its solution. 

The net equation is: 

CaCl a (c) 4 - (n 4- 6 )H a O(lq)=CaCl a (sol) + 

+ (n + 6 )H a O(sol) (AH s ) 

where AII% is the enthalpy of solution of the anhydrous salt. 

According to Hess’s law, AH, = AH. 4 - AH., whence AH, = 
= AH, - AH 2 . 

To find the required quantity (A H x ), we must consequently calcu¬ 
late the enthalpy of solution of the anhydrous salt (A H a ) and of the 
crystal hydrate (AH,). 

The molar mass of CaCl a is Ilf g/mol. Since the change in the en¬ 
thalpy when dissolving 10 g of CaCl a is 6.82 kj, we have: 

( —6.82)X 111 T/ . 

AH. = — --= — 75.7 kJ/mol 

10 

The molar mass of CaCl a • 6 H a O is 219 g/mol, whence 

.„ 0.87x219 ...... , 

AH 2 — --= 19.1 kJ/mol 

For the enthalpy of formation of the crystal hydrate, we finally 
get: 

A H t = A H 3 - A H 2 = -75.7 - 19.1 = -94.8 kJ/mol 
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PROBLEMS 

453. When 10 g of NaOH were dissolved in 250 g of water, 
the temperature rose hy 9.70 K. Determine the enthalpy of 
solution of NaOH adopting the specific heat capacity of the 
solution equal to 4.18 J/(g*K). 

454. When one mole of H a S0 4 was dissolved in 800 g of 
water, the temperature rose by 22.4 K. Determine the en¬ 
thalpy of solution of H a S0 4 assuming the specific heat ca¬ 
pacity of the solution to equal 3.76 J/(g*K). 

455. The enthalpy of solution of NH 4 NO s in water is 
26.7kJ/mol. By how many kelvins will the temperature lower 
when 20 g of NH 4 NO s are dissolved in 180 g of H a O if the 
specific heat capacity of the solution obtained is taken equal 
to 3.76 J/(g-K)? 

456. When 8 g of CuS0 4 were dissolved in 192 g of water, 
the temperature rose by 3.95 kelvins. Determine the enthalpy 
of formation of CuS0 4 -5H a 0 from the anhydrous salt and 
water if the enthalpy of solution of the crystal hydrate is 
known to be 11.7 kJ/mol, and the specific heat capacity of 
the solution is 4.18 J/(g'K). 

457. The enthalpy of solution of Na a SO 4 *10H a O in water 
is 78.6 kJ/mol. Calculate by how many kelvins the tempera¬ 
ture will drop when 0.5 mole of this salt is dissolved in 1000 g 
of water, taking the specific heat capacity of the solution 
equal to 4.18 J/(g-K). 

3. Physicochemical Properties 
of Dilute Solutions of Non-Electrolyfes 

Dilute solutions of non-electrolytes have a number of 
properties (colligative properties) whose quantitative ex¬ 
pression depends only on the number of solute particles in 
solution and on the amount of solvent. Some colligative 
properties of solutions are used to determine the molecular 
mass of the solute. 

The dependence of these properties on the concentration is 
expressed by the following equations: 

1. Depression of the vapour pressure of a solvent over 
a solution, A p (Raoult's law): 

Pi = XiP a \ Ap—po — Pi— %Po = Po 
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where p x is the partial pressure of the saturated Vapour of 
the solvent over the solution; p 0 is the saturated vapour 
pressure over the pure solvent; x x is the mole fraction of 
the solvent; x % is the mole fraction of the solute; n t is the 
number of moles of the solvent; and n 2 is the number of 
moles of the solute. 

2. Depression of the freezing point of a solution A t tt (or, 
which is the same, AT tI ): 

A t tI = Km 

where K is the cryoseopic constant of the solvent, and m is 
the molality of the solute. 

3. Elevation of the boiling point of a solution, At b 
(or Ar h ): 

A< b — Em 

where E is the ebullioscopic constant of the solvent. 

4. The osmotic pressure, p, kPa: 

p‘— cRT 

where c is the molar concentration; R is the molar gas con¬ 
stant [8.31 J/(mol*K)I; and T is the temperature, K. 

The values of the cryoseopic and ebullioscopic constants 
for selected solvents are given below: 


K E 

Water 1.86 0.52 

Beuzene 5.1 2.57 

Ethyl alcohol — 1.16 

Diethyl ether 1.73 2.02 


Let us consider examples of solving problems with the use 
of the above equations. 

Example 1. At 25 °C, the saturated vapour pressure of water is 
3.166 kPa (23.75 mmHg). Find the saturated vapour pressure at the 
same temperature over a 5% aqueous solution of carbamide (urea) 
CO(NH s ) s . 

Solution. For calculations using the formula p x — ijp 0 , we must 
find the mole fraction of the solvent x v One hundred grams of the 
solution contain 5 g of carbamide (with a molar mass of 60.05 g/mol) 
and 95 g of water (with a molar mass of 18.02 g/mol). The number of 
moles of carbamide and water are, respectively, 

C QK 

n » = ' 1535 ■ = 0 - 083 and ”* = 102 ==5 - 272 
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We find the mole fraction of the water: 


5.272 

** ~ n, + n 2 “ 5.272 + 0.083 


5.272 

5.355 


0.985 


Consequently, 

Pl - 0.985 X 3.166 = 3.119 kPa (or 23.31 mmHg) 

Example 2. Calculate the temperature at which a solution contain¬ 
ing 54 g of glucose C«H la 0 8 in 250 g of water will freeze. 

Solution. When calculated for 1000 g of H a O, the glucose content 
in the solution is 216 g. Since the molar mass of the glucose is 
180 g/mol, the molality of the solution is m — 216/180 = 1.20 mol 
per 1000 g of H 2 0. 

By the formula A t tr = Km, we find At fr = 1.86 X 1.20 = 2.23 K. 
Consequently, the solution will freeze at 0 — 2.23 = —2.23 °C. 

Example 3. A solution containing 8 g of a substance in 100 g 
of diethyl ether boils at 36.86 °C, whereas the pure ether boils at 
35.60 °C. Determine the molecular mass of the solute. 

Solution. From the data of the example, we find Atj, = 36.86 — 
— 35.60 = 1.26 K. From the equation At b = Em, we find m — 
= MJE, whence m = 1.26/2.02 = 0.624 mol per 1000 g of ether. 
It follows from the initial data that 1000 g of the solvent contain 
80 g of the solute. Since this mass corresponds to 0.624 mol, we find 
the molar mass of the substance from the expression: 

"=-5§r= <28 - 2 ’ lmo ' 


The molecular mass of the solute is 128.2 amu. 

Example 4. At 20 °C, the osmotic pressure of a solution 100 ml 
of which contain 6.33 g of the colouring substance of blood— hematin, 
is 243.4 kPa. Determine the molecular formula if the elementary 
composition of hematin is known (in per cent' by mass): C—64.6, 
H—5.2, N—8.8, 0-12.6, and Fe-8.8. 

Solution. From the equation p = cRT, we find the molarity of 
the solution: 


c = 


p 243.4 
RT ~ 8.31 X 293 


= 0.1 mol/I 


Now, we calculate the molecular mass of hematin. It can be seen 
from the initial data of the example that one litre of the solution 
contains 63.3 g of hematin, which forms 0.1 mol. Thus, the molar 
mass of hematin is 63.3/0.1 — 633 g/mol, and its molecular mass 
is 633 amu. 

We find the simplest formula of hematin. Denoting the numbers of 
atoms of C, H, N, O and Fe in a hematin molecule by x, y, z, m, 
and n, respectively, we can write: 

64.6 5.2 . 8.8 12.6 . 8.8 

x . y. z:m.n— n ^ ^ : lg ■ 56 — 

= 5.38 : 5.2 : 0.629 : 0.788 : 0.157 = 


= 34.3 : 33.1 : 4.0 : 5.0 : 1 34 : 33 : 4 5 : 1 
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Therefore, the simplest formula of hematin is C 81 H 33 N 4 0 6 Fe. 
A molecular mass of 633 corresponds to this formula (because 34x 12 -f- 
-f 33 X 1 -(- 4 X 14 4- 5 X 16 + 56 X 1 = 633), which coincides 
with the value found above. Hence, the molecular formula is the same 
as the simplest one, i.e. C84H 38 N 4 O s Fe. 


PROBLEMS 

458. What is the osmotic pressure of a U.5 M solution of 
glucose C 6 H 12 0 6 at 25 °C? 

459. Calculate the osmotic pressure of a solution contain¬ 
ing 16 g of saccharose C 12 H 22 O u in 350 g of H 2 0 at 293 K. 
Assume the density of the solution to be unity. 

460. How many grams of glucose C 6 H ]2 0 6 must be con¬ 
tained in 0.5 litre of a solution for its osmotic pressure (at the 
same temperature) to be the same as that of the solution 
one litre of which contains 9.2 g of glycerin C 3 H 5 (OH) 3 ? 

461. At 25 °C, the osmotic pressure of an aqueous solution 
is 1.24 MPa. Calculate the osmotic pressure of the solution 
at 0 °C. 

462. At 25 °C, the osmotic pressure of a solution containing 
2.80 g of a high-molecular compound in 200 ml of the solution 
is 0.70 kPa. Find the molecular mass of the solute. 

463. One litre of a solution of a non-electrolyte whose 
osmotic pressure is 243.4 kPa is mixed at 20 °C with three 
litres of a solution of a non-electrolyte whose osmotic pres¬ 
sure is 486.8 kPa. Find the osmotic pressure of the new solu¬ 
tion. 

464. A solution, 100 g of which contain 2.30 g of a sub¬ 
stance, has an osmotic pressure of 618.5 kPa at 298 K. Find 
the molecular mass of the substance. 

465. How many moles of a non-electrolyte must one litre 
of a solution contain for its osmotic pressure at 25 °C to be 
2.47 kPa? 

466. One millilitre of a solution contains 10 18 molecules of 
a dissolved non-electrolyte. Calculate the osmotic pressure 
of the solution at 298 K. 

467; Find the vapour pressure over a solution containing 
13.68 g of saccharose C 12 H 22 O u in 90 g of H 2 0 at 65 °C if 
the saturated vapour pressure over water at the same tem¬ 
perature is 25.0 kPa (187.5 mmHg). 
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468. What is the saturated vapour pressure over a 10% 
solution of carbamide CO(NH 2 ) 2 at 100 °C? 

469. At 315 K, the saturated vapour pressure over water 
is 8.2 kPa (61.5 mmHg). How will the vapour pressure lower 
at this temperature if 36 g of glucose C„H 12 O s are dissolved 
in 540 g of water? 

470. At 293 K, the saturated vapour pressure over water 
is 2.34 kPa (17.53 mmHg). How many grams of glycerin 
C 3 H 6 (OH) 3 have to be dissolved in 180 g of water to lower 
the vapour pressure by 133.3 Pa (1 mmHg)? 

471. By how many kelvins will the boiling point of water 
grow if 9 g of glucose C 6 H 12 0 6 are dissolved in 100 g of 
water? 

472. At approximately what temperature will a 50% solu¬ 
tion of saccharose C 12 H 22 O u boil? 

473. At approximately what temperature will a 40% solu¬ 
tion of ethyl alcohol C 2 H 5 OH freeze? 

474. How many grams of saccharose C 12 H 22 O u have to be 
dissolved in 100 g of water to (a) lower the freezing point 
by one kelvin? (b) raise the boiling point by one kelvin? 

475. In what proportion must the masses of water and 
ethyl alcohol be for a solution freezing at — 20 °C to be 
obtained when they are mixed? 

476. A motor vehicle radiator was filled with 9 litres of 
water to which 2 litres of methyl alcohol (p = 0.8 g/ml) 
were added. After this, what is the lowest temperature at 
which the vehicle can be parked outdoors without a danger 
that the water in the radiator will freeze? 

477. When 5.0 g of a substance are dissolved in 200 g of 
water, a non-conducting solution is obtained that freezes 
at —1.45 °C. Find the molecular mass of the solute. 

478. When 13.0 g of a non-electrolyte were dissolved in 
400 g of diethyl ether (C 2 H 6 ) 2 0, the boiling point rose by 
0.453 K. Find the molecular mass of the solute. 

479. When 3.24 g of sulphur were dissolved in 40 g of 
benzene, the boiling point of the latter rose by 0.81 K. How 
many atoms does a molecule of sulphur in the solution 
consist of? 

480. 2.09 g of a substance whose elementary composition 
in per cent by mass is C—50.69, H 2 —4.23, and O a —45.08 
were dissolved in 60 g of benzene. The solution freezes at 


9-1022 
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4.25 °C. Establish the molecular formula of the substance. 
Pure benzene freezes at 5.5 °C. 

481. A water-alcohol solution containing 15% of alcohol 
(p = 0.97 g/ml) freezes at —10.26 °C. Find the molecular 
mass of the alcohol and the osmotic pressure of the solution 
at 293 K. 

482. 100 g of H s O contain 4.57 g of saccharose C 12 H 22 O u . 
Find (a) the osmotic pressure at 293 K, (b) the freezing point 
of the solution, (c) the boiling point of the solution, and (d) 
the saturated vapour pressure over the solution at 293 K. 
The saturated vapour pressure over water at 293K. is 2.337 kPa 
(17.53 mmHg). Assume the density of the solution to equal 
that of water. 


REVIEW QUESTIONS 

483. What is the osmotic pressure of a solution contain¬ 
ing one mole of glycerin in 22.4 litres of H a O at 0 °C? 

(a) 1.01 X 10 2 kPa; (b) 1.01 X 10 5 kPa; (c) 760 mmHg. 

484. What is the osmotic pressure of a solution contain¬ 
ing simultaneously 0.25 mol of alcohol and 0.25 mol of glu¬ 
cose in two litres of water at 273 K? (a) 760 mmHg; 

(b) 380 mmHg; (c) 4256 mmHg. 

485. What will be the relationship between the osmotic 
pressures at 273 K if 5 g of alcohol C 2 H 5 OH (pj), 5 g of 
glucose C 6 H 12 O s (p 2 ), and 5 g of saccharose C 12 H 22 O u (p s ) 
are dissolved in 250 ml of water? (a) p s > p 2 > p x ; (b) p x > 
>Pi>Pa- 

486. What will be the ratio of the masses of formalin 
HCHO and glucose C # H 12 0 6 contained in equal volumes of 
solutions having the same osmotic pressure at the given 
temperature? (a) 1:1; (b) Af(HCHO) : 7l/(C e H 12 O a ). 

487. How many moles of a non-electrolyte must one litre 
of a solution contain for its osmotic pressure at 0 °G to be 
2.27 kPa (17 mmHg)? (a) 0.001 mol; (b) 0.01 mol; (c) 0.1 mol. 

488. What is the molarity of a non-electrolyte solution if 
its osmotic pressure at 0 °C is 2.27 kPa? (a) 0.1 mol/1; 
(b) 0.01 mol/1; (c) 0.001 mol/1. 

489. At what temperature does an aqueous solution con¬ 
taining 3 X 10 as molecules of a non-electrolyte in 250 g of 
H a O freeze? (a) 273 K; (b) 269.28 K; (c) 271.14 K. 
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490. What is the relationship between the freezing points 
of 0.1 % solutions of glucose (^; M — 180 amu) and albumin 
(f a ; M ~ 68 000 amu)? (a) h > t 2 \ (b) t x = t 2 , (c) t t < t 2 . 

491. What is the relationship between the boiling points 
of 10% solutions of CH s OH (fj) and C z H 5 OH (t a )? (a) fj > 

(b) ti <Z t 2 ‘, (c) t\ = t 2 . 

492. Dissolved in 200 g of water are (1) 31 g of carbamide 
CO(NH 2 ) 2 , and (2) 90 g of glucose C 6 H 12 0 9 . Will the boiling 
points of these solutions be the same? (a) Yes; (b) no. 

493 . 250 g of an organic solvent contain x g of a dissolved 
non-electrolyte with the molecular mass M. The cryoscopic 
constant of the solvent is K. Which expression for At tr is 
correct? (a) Kx/M; (b) 4 Kx/M\ (c)Kx/AM. 

494 . An aqueous solution of a non-electrolyte boils at 
373.52 K. What is the molal concentration of this solution? 
(a )m — 1; (b) m = 0.1; (c )m = 0.01 mol per 1000gof H s O. 
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SOLUTIONS 
OF ELECTROLYTES 


1. Weak Electrolytes. Dissociation Constant 
and Degree of Dissociation 

When electrolytes are dissolved in water or other solvents 
consisting of polar molecules, they experience electrolytic 
dissociation, i.e. break up to a greater or smaller extent 
into positively and negatively charged ions—cations and 
anions. Electrolytes dissociating only partly in solutions 
are known as weak electrolytes. Equilibrium sets in in such 
solutions between the undissociated molecules and their 
dissociation products—ions. The following equilibrium 
sets in, for example, in an aqueous solution of acetic acid: 

CH s COOH ** H + +CH s COO- 

whose constant (the dissociation or ionization constant) is 
related to the concentrations of the relevant particles by 
the equation: 

»• IH+| [CH s COO-l 
[CH 8 COOH] 

By the degree of dissociation a of an electrolyte is meant 
the fraction of its molecules that have experienced dissocia¬ 
tion, i.e. the ratio of the number of its molecules that have 
broken up into ions in the given solution to the total num¬ 
ber of its molecules in the solution. 

For the electrolyte MX dissociating into the ions M + 
and X“, the dissociation constant and the degree of disso¬ 
ciation are related by the equation (Ostwald’s dilution 
law): 


where c is the molar concentration of the electrolyte, mol/1. 
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If the degree of dissociation is considerably smaller than 
unity, it may be assumed in approximate calculations that 
1 — a x 1. The equation of the dilution law is thus simpli¬ 
fied: 

K = a 2 c 


whence 

The latter equation shows that dilution of a solution 
(i.e. diminishing of the concentration c of an electrolyte) 
is attended by an increase in the degree of dissociation of 
the electrolyte. 

If the degree of dissociation of the electrolyte MX in its 
solution is a, the concentrations of the M + and X - ions in 
the solution are the same and are: 

[M + ] = CX-) = ac 

Introducing into this equation the value of a from the 
preceding one, we obtain: 

[M + ] = [X~] — c j /"~VKi 


For calculations connected with the dissociation of acids, 
it is often convenient to use not the constant K, but the 
dissociation constant index plf, which is determined by the 
equation 

p K = - log K 


It is evident that when K grows, i.e. when an acid is 
stronger, the value of p K diminishes; hence, the weaker an 
acid, the greater is the value of p K for it. 


Example 1. The degree of dissociation of acetic acid in a 0.1 M 
solution is 1.32 X 10-*. Find the dissociation constant of the acid and 
the value of pg. 

Solution. We insert the data of the example into the dilution law 
equation: 


K ~ 


« a 

1 —a 


(1.32 X 10- J )» 
C 1 - 0.0132 


X 0.1 = 1.77 Xl0- 6 


whence p K — —log (1.77 X 10~ 6 ) = 5 — log 1.77 = 5 — 0.25 = 
= 4.75. 
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Calculations using the approximate formula K = a*c give a close 
value of K: 

K = (1.32 X 10-*)* X 0.1 = 1.74 X 10-* 
whence p K — 4.76. 

Example 2. The dissociation constant of hydrogen cyanide (hydro¬ 
cyanic acid) is 7.9 X 10 _1 °. Find the degree of dissociation of HCN 
in a 0.001 M solution. 

Solution. Since the dissociation constant of HCN is very small, 
we may use the approximate formula for calculations: 

Example 3. Calculate the concentration of hydrogen ions in 
a 0.1 M solution of hypochlorous acid HOCl (K = 5 X 10 -8 ). 

Solution. We find Hie degree of dissociation of HOCl: 

«-YY-Y^W=^‘ 

whence [H + ] = ac — 7 x 10 -1 X 0.1 = 7 X 10 -8 mol/1. 

The example can be solved in a different way, using the equation 
[H + ] = YTc: 

[H + ] = /5 X Kr 8 X 0.1 = 7 X 10- 5 mol/1 

If an ion common to one of the ions formed in the 
dissociation of a weak electrolyte is introduced into its 
solution, equilibrium of dissociation is violated and shifts 
in the direction of formation of the undissociated molecules 
so that the degree of dissociation of the electrolyte dimin¬ 
ishes. For instance, the addition of an acetate (for example, 
sodium acetate) to an acetic acid solution leads to an increase 
in the concentration of the CH 3 COO - ions, and, in accor¬ 
dance with Le Chatelier’s principle, the equilibrium of the 
dissociation 

CH 3 COOH^H+-(- CH a COO- 

shifts to the left. 

Example 4. How will the concentration of the hydrogen ions in 
a 0.2 M solution of formic acid HCOOH (if = 1.8 X 10-*) diminish 
if 0.1 mol of the salt HCOONa is added to one litre of this solution? 
Assume the salt to be completely dissociated. 

Solution. We find the initial concentration of the H + ions in the 
solution (before the addition of the salt) by the equation: 

[H + ] = /Ae= Y 1-8 X 10-* X 0.2 =6 X 10~ 8 mol/1 
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Let the concentration of the hydrogen ions in the solution after 
the addition of the salt be x. Hence, the concentration of undissociated 
acid molecules will be 0.2 — x. The concentration of the HCOO - 
ions will be composed of two quantities: of the concentration produced 
by dissociation of the acid molecules, and of the concentration due 
to the presence of the salt in the solution. The first of these quantities 
is x, and the second is 0.1 mol/1. Consequently, the total concentration 
of the HCOO - ions is 0.1 -j- x. Using tne values of the concentrations 
in the expression for the dissociation constant of formic acid, we get: 


__ [H + ][HCOO-l *(0.1+*) 
[HCOOff] ~ 0.2-x 


=1.8X10-* 


Since in the presence of the common HCOO~ ions the dissociation 
of the formic acid is suppressed, its degree of dissociation will be small, 
and the quantity x in comparison with 0.1 and 0.2 may be ignored. 
Hence, the last equation is simplified: 

if =^-=1.8X10-* 


whence x = 3.6 X 10- 4 mol/1. Comparing the initial concentration 
of the hydrogen ions with that found, we see that the addition of the 
salt HCOONa caused the hydrogen ion concentration to diminish to 
3.6 X 10-V6 X 10+ i.e. to 1/16.6 of its original value. 


Stepwise equilibria corresponding to the consecutive 
dissociation steps set in in solutions of polybasic acids and 
of bases containing several hydroxyl groups. For instance, 
orthophosphoric acid dissociates in three steps: 

H s P0 4 i»H+ H 2 POj {Ki = 7.5 X 10- 8 ) 

HjPOj H+ + HPO|- ( K 2 = 6.3 X 10-*) 

HP Of - ^ H + + P02~ ( K a = 1.3 X 10-«) 

with a definite value of the dissociation constant corre¬ 
sponding to each step. Since » K t ^> K 3 , dissociation 
in the first step is the highest, and it sharply diminishes in 
each following step, as a rule. 

Example 5. The dissociation constants for the two steps of hydro¬ 
gen sulphide dissociation Ki and K 2 are 6 X 10~ 8 and 1 X 10- u , 
respectively. Calculate the concentrations of the H + , HS - , and S s_ 
ions in a 0.1 M solution of H,S. 

Solution. Since the dissociation of H a S proceeds chiefly in the first 
step, we may disregard the concentration of the H+ ions formed in 
second-step dissociation and assume that [H + ]« [HS'l. Hence, 


[H + ]'« [HS-] « /#!«=/6 X10-" X 0.1 = 

= 7,7X10-! mol/1 
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We find the value of [S*'J from the expression for the second disso¬ 
ciation constant: 

,, fH+][S»-] 

**-" [HS~] 

Since [H + ] « [HS~], then K g « [S a i, i.e. [S*i = 1 X 
X 10 _M mol/1. 

Dissociation (ionization) of an electrolyte leads to the 
fact that the total number of solute particles (molecules 
and ions) in its solution grows in comparison with a solu¬ 
tion of a non-electrolyte having the same molar concentra¬ 
tion. Consequently, the properties depending on the total 
number of solute particles in a solution (the colligative 
properties) such as the osmotic pressure, depression of the 
vapour pressure, elevation of the boiling point, and depres¬ 
sion of the freezing point manifest themselves in electrolyte 
solutions to a greater extent than in ones of non-electrolytes 
having an equal concentration. If dissociation results in 
the total number of particles in an electrolyte solution 
growing i times in comparison with the number of molecules 
of the electrolyte, this must be taken into consideration 
when calculating the osmotic pressure and other colligative 
properties. The formula for calculating the depression of 
the solvent vapour pressure Ap acquires the following form 
in this case: 

A p = p 0 -— l -jr -— 
u n 1 + m 2 

where p 0 is the saturated vapour pressure over the pure 
solvent; re, } is the number of moles of the solute; re, is the 
number of moles of the solvent; and i is the isotonic coef¬ 
ficient or van’t Hoff’s coefficient. 

Similarly, the depression of the freezing point Af, r and 
the elevation of the boiling point Afb of an electrolyte so¬ 
lution are found by the formulas: 

A t tr — iKm. 

Az h = iEm 

where m is the molal concentration of the electrolyte, and 
K and E are the cryoscopic constant and the ebullioscopic 
constant of the solvent, respectively. 
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Finally, the osmotic pressure (p, kPa) of an electrolyte 
solution is calculated by the formula 

p = icRT 

where c is the molar concentration of the electrolyte, mol/1; 
R is the molar gas constant (8.31 J •mol -1 *K” 1 ); and T is 
the absolute temperature, K. 

It is not difficult to see that the isotonic coefficient i 
can be calculated as the ratio of A p, At fr , A t h , and p found 
experimentally to the same quantities calculated without 
account taken of dissociation of an electrolyte (Ap ca j c , 

A^fr, calct Afj,, cale» Pcalc)- 

j _ A p __ Atf r _ Atj, _ p 

Apcalc Aifr, ea j c Afj,, calc Pcalc 

The isotonic coefficient i is related to the degree of disso¬ 
ciation of an electrolyte a by the expression: 

i = 1 -f a (i: — 1) or a — -h _ j- 

where k is the number of ions into which an electrolyte mol¬ 
ecule breaks' up in dissociation (for KC1, k — 2; for BaCl 2 
and Na 2 S0 4 , k = 3; etc.). 

Hence, having found the value of i from experimental 
values of Ap, A f fr , etc., we can calculate the degree of dis¬ 
sociation of an electrolyte in a given solution. It must be 
borne in mind that for strong electrolytes the value of a 
found in this way expresses only the “apparent” degree of 
dissociation because in solutions strong electrolytes disso¬ 
ciate completely. The observed deviation of the apparent 
degree of dissociation from unity is associated with inter¬ 
ionic interactions in a solution (see the following section). 

Example 6. A solution eontaining 0.85 g of zinc chloride in 125 g 
of water freezes at —0.23 °C. Determine the apparent degree of disso¬ 
ciation of the ZnCl,. 

Solution. First of all, we find the molal concentration (m) of the 
salt in the solution. Since the molar mass of ZnCl 2 is 136.3 g/mol, 
we have: 

f) DC w -I AAA 

m= Wx ^5' " 0,050 mCl per 1000 g 0f H2 ° 

We now find the depression of the freezing point without account 
taken of the electrolyte dissociation (the cryoscopic constant of water 
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is 1.86): 

Atfr, calc = = 1-86 X 0.050 = 0.093 K 


Comparing the value thus found with the experimentally estab¬ 
lished depression of the freezing point, we calculate the isotonic coeffi¬ 
cient i: 


Atfr 

Atfr, calc 


0.23 

0.093 


2.47 


We now find the apparent degree of dissociation of the salt: 


a 


i — 1 

~T 


2.47-1 

3-1 


0.735 


Example 7. Calculate the saturated vapour pressure of water over 
a solution at a temperature of 100 °C containing 5 g of sodium hydro¬ 
xide in 180 g of water. The apparent degree or dissociation of NaOH 
is 0.8. 

Solution. We find the isotonic coefficient i: 


t = 1 -(- a (Jfc — 1) = 1 -f 0.8 {2 — 1) = 1.8 

We calculate the depression of the vapour pressure over the solu¬ 
tion by the equation 


Ap=p 0 


fli -(- (Tig 


The saturated vapour pressure over water at 100 °C is 101.31 kPa 
(760 mmHg). The molar mass of sodium hydroxide is 40 g/mol, and 
that of water is 18 g/mol. Hence, n t = 180 : 18 = 10 mol, and 
» a = 5 : 40 — 0.125 mol. Therefore: 


4 '“ ,M - 3,x 5oqSlraS-“ ,01 - 3 ‘ x 


0.225 

10.2 


= 2.23 kPa (or 16.7 mmHg) 


We find the required saturated vapour pressure over the solution: 
p=p 0 —Ap=101.31-2.23=99.08 kPa (or 743.1 mmHg) 

Example 8. Find the isotonic coefficient for a 0.2 M solution of 
an electrolyte if one litre of the solution is known to contain 2.18 X 
X 10 28 particles (molecules and ions) of the solute. 

Solution. The number of electrolyte molecules taken to prepare 
one litre of the solution is 6.02 X 10 23 X 0.2 = 1.20 X 10**. The 
number of solute particles formed in the solution was 2.18 X 10* 3 . 
The isotonic coefficient shows how many times the latter numher is 
greater than the numher of molecules taken, i.e.: 


t = 


2.18 X 10*3 
1.20 X 10* 8 
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PROBLEMS » 

495. A solution containing 0.5 mol of NaCl, 0.16 mol of 
KCl, and 0.24 mol of K a S0 4 in one litre must be prepared. 
How can this be done if we have at our disposal only NaCl, 
KCl, and Na a S0 4 ? 

496. The dissociation constant of butyric acid C 3 H 7 COOH 
is 1.5 X 10~ 6 . Calculate the degree of its dissociation in 
a 0.005 M solution. 

497. Find the degree of dissociation of hypochlorous acid 
HOC1 in a 0.2 N solution. 

498. The degree of dissociation of formic acid HCOOH 
in a 0.2 N solution is 0.03. Determine the dissociation con¬ 
stant of the acid and the value of p K. 

499. The degree of dissociation of carbonic acid H a C0 3 
in the first step in a 0.1 N solution is 2.11 x 10~ 3 . Calculate 
Kl 

500. At what concentration of the solution will the degree 
of dissociation of nitrous acid HNO a be 0.2? 

501. The degree of dissociation of acetic acid in a 0.1 N 
solution is 1.32 x 10~ 2 . At what concentration of nitrous 
acid HNO a will its degree of dissociation be the same? 

502. How much water must be added to 300 ml of a 0.2 M 
solution of acetic acid for the degree of dissociation of the 
acid to double? 

503. What is the hydrogen ion concentration [H + I in an 
aqueous solution of formic acid if a — 0.03? 

504. Calculate the value of IH + ] in a 0.02 M solution 
of sulphurous acid. Ignore the second-step dissociation of 
the acid. 

505. Calculate the values of [H + ], [HSe~I and [Se 2 ~l 
in a 0.05 M solution of H a Se. 

506. How will the hydrogen ion concentration lower if 
0.05 mole of sodium acetate is added to one litre of a 0.005 M 
acetic acid solution? 

507. Calculate the concentration of CH 3 COO“ ions in 
a solution, one litre of which contains one mole of CH 3 COOH 
and 0.1 mole of HC1, assuming the dissociation of the latter 
to be complete. 

* In solving the problems of this section, use Table 6 of the Ap¬ 
pendix giving the dissociation constants of olectrolytes when neces¬ 
sary. 
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508. Proceeding from the values of the consecutive dis¬ 
sociation constants of orthophosphoric acid, determine the 
sign of the change in the Gibbs energy A G° for each of the 
three dissociation steps. For which of them does A G° have the 
greatest magnitude? 

509. A solution containing 2.1 g of KOH in 250 g of water 
freezes at —0.519 °C. Find the isotonic coefficient for this 
solution. 

510. At 0°C, the osmotic pressure of a 0.1 N solution of 
potassium carbonate is 272.6 kPa. Determine the apparent 
degree of dissociation of the K 2 C0 3 in the solution. 

511. A solution containing 0.53 g of sodium carbonate in 
200 g of water freezes at —0.13°C. Calculate the apparent 
degree of dissociation of the salt. 

512. In one case 0.5 mol of sugar and in another 0.2 mol 
of CaCl 2 are dissolved in equal amounts of water. The freez¬ 
ing points of both solutions are the same. Find the apparent 
degree of dissociation of the CaCl 2 . 

513. At 100 °C, the vapour pressure of a solution contain¬ 
ing 0.05 mol of sodium sulphate in 450 g of water is 100.8 kPa 
(756.2 mmHg). Determine the apparent degree of disso¬ 
ciation of the Na 2 S0 4 . 

514. One litre of a 0.01 M solution of acetic acid contains 
6.26 X 10 21 of its molecules and ions. Determine the degree 
of dissociation of the acid. 

515. The apparent degree of dissociation of potassium 
chloride in a 0.1 N solution is 0.80. What is the osmotic 
pressure of this solution at 17 °C? 

REVIEW QUESTIONS 

516. What is the relationship between the values of the 
osmotic pressure in 0.1 M solutions of KNO s (p x ) and 
CH 3 COOH (p 2 )? (a) p x >p 2 ; (b) p x = p a ; (c) p x <p 2 . 

517. The freezing points of monomolal solutions of hydro¬ 
gen cyanide HCN and glucose C 6 H la 0 6 are close. What 
conclusion can be reached about the degree of dissociation 
of HCN? (a) The degree of dissociation of HCN is close to 
unity; (b) the degree of dissociation is close to zero. 

518. Indicate the correct relationship between the boil¬ 
ing points of very dilute solutions of AIC1 3 (t,) and CaCI 2 
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(t ss) having the same molal concentrations, (a) t x = £ a ; 

(b) ti < £ a ; (c) ty t%. 

519. What arrangement of 0.01 M solutions of the four 
substances indicated corresponds to diminishing of the os¬ 
motic pressure? 

(a) CH g COOH-NaCl-C a H ls O e -CaCl., 

(b) C a H la O s -CH a CO 0 H-NaCl-CaCl, 

(c) CaCl a -NaCl-CH a COOH-C 6 H u O e 

(d) CaCl a -CH 3 C00H-C a H la 0 8 -NaCl 

520. Indicate the proper relationship between the freez¬ 
ing points of solutions of ammonium cyanide NH^CN (ty) 
and acetic aldehyde CH 3 CHO (t x ) each of which contains 
5 g of the solute in 100 g of water, (a) ty — f a ; (b) ty > t t ; 

(c) ty <C. t 2 - 

521. Indicate the correct relationship between the values 
of the standard change in the Gibbs energy for the processes 
of dissociation of water (AG?) and acetic acid (AG°). 
(a) A G\ > AG°; (b) AG° = AG,; (c) AG° < AG°. 

2. Strong Electrolytes. Activity of Ions 

Electrolytes that virtually completely dissociate in aque¬ 
ous solutions are known as strong electrolytes. The latter 
include most salts, which already in the crystalline state 
are built up of ions, the hydroxides of the alkali and alka¬ 
line-earth metals, and some acids (HC1, HBr, HI, HC10 4 , 
HN0 3 ). 

The concentration of the ions is quite great in solutions 
of strong electrolytes so that the forces of interionic inter¬ 
action manifest themselves appreciably even at a low con¬ 
centration of an electrolyte. As a result, the ions are not 
completely free in their motion, and all the properties of 
the electrolyte depending on the number of ions manifest 
themselves more weakly than should be expected upon the 
complete dissociation of the electrolyte into ions not in¬ 
teracting with one another. This is why the state of ions in 
a solution is described, in addition to their concentration, 
by their activity, i.e. the conditional (effective) concen¬ 
tration of the ions in accordance with which they act in 
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chemical processes. The activity of an ion a (mol/1) is 
related to its molar concentration in a solution c hy the 
equation 

a = fc 

where / is the activity coefficient of the ion (a dimension¬ 
less quantity). 

The activity coefficients of ions depend on the composi¬ 
tion and concentration of the solution, on the charge and 
nature of the ion, and on other conditions. In dilute solu¬ 
tions (c^ 0.5 mol/1), however, the nature of the ion only 
slightly affects the value of its activity coefficient. It can 
be considered approximately that in dilute solutions the 
activity coefficient of an ion in the given solvent depends 
only on the charge of the ion and the ionic strength of the 
solution /, which equals the half-sum of the products of the 
concentration c of each ion and the square of its charge z: 

7=0.5 (c t zj + c s z| 4-... -f c„z 2 „) = 0.5 2 c t z\ 

i=l 

Table 7 of the Appendix gives values of the activity coef¬ 
ficients of ions in dilute solutions depending on their charge 
and the ionic strength of the solution. The activity coeffi¬ 
cient of an ion in a dilute solution can be calculated ap¬ 
proximately by the formula log/= — 0.5 z 2 V1. 

Example 1. Calculate the ionic strength and activity of the ions 
in a solution containing 0.01 mol/1 of MgS0 4 and 0.01 mol/1 of MgCl a . 

Solution. The ionic strength of the solution is: 

I = 0.5 [c(Mg a+ )2 a + c(SO|~)2* -f «(Cl-)l a ] = 

= 0.5 (0.02 X 4 + 0.01 X 4 -f 0.02) = 0.07 

We find the activity coefficient of the Mg* + ion (and the activity 
coefficient of the SO|~ ion equal to it) by the formula 

log/= — 0.5z* y7= -0.5x4 -0.53 = 1.47 

whence / = 0.30. 

We find the activity coefficient of the chloride ion in a similar 
way: 

log /= -0.5 X 1 X /0.07= -0.13=1.87 
whence f = 0.74. 

We now find the activity of each ion, using the equation a = fc: 
a(Mg 2+ ) = 0.02 X 0.30 = 0.006 mol/1; o(SOJ-) = 

= 0.01 X 0.30 = 0.003 mol/1; a(Cl-) = 0.02 X 0.74 = 

= 0.0148 mol/1 
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PROBLEMS * 

522. Calculate the approximate values of the activity 
of the K + and SO* - ions in a 0.01 M solution of K 2 S0 4 . 

523. Calculate the approximate values of the activity of 
the Ba 2+ apd Cl" ions in a 0.002 N solution of BaCl a . 

524. Find the approximate value of the activity coeffi¬ 
cient of the hydrogen ion in a 0.0005 M solution of H a S0 4 
containing also 0.0005 mol/1 of HC1. Assume that the sul¬ 
phuric acid dissociates completely in both steps. 

525. Calculate the ionic strength and the activity of the 
ions in a solution containing 0.01 mol/1 of Ca{N0 3 ) a and 
0.01 mol/1 of CaCl a . 

526. Calculate the ionic strength and the activity of the 
ions in a 0.1% solution of BaCl a . Assume the density of the 
solution to he unity. 

527. Calculate the activity of the hydrogen ion in a 
0.005 N solution of HC1 containing, in addition, 0.15 mol/1 
of NaCl. 

528. Find the approximate values of the activity coeffi¬ 
cients of the ions Cl - , SOJ~, P0 4 ~, and [Fe(CN) g ] 4- in a 
solution with an ionic strength of 0.0001. 

3. Ion Product of Water. pH 

Water is a very weak electrolyte and dissociates to a very 
small extent, forming hydrogen ions** and hydroxide ions: 

H b O H+ + OH- 

The following dissociation constant corresponds to this 
process: 

„ [H+HOH-) 

“ IH a Oj 

Since the degree of dissociation of water is very small, 
the equilibrium concentration of undissociated water mol¬ 
ecules [H a O] with sufficient accuracy equals the total con- 

* When solving the problems of this section, use the values of the 
activity coefficients of the ions from Table 7 of the Appendix if neces¬ 
sary. 

** Hydrogen ions do not exist in a solution in the free state, but 
form hydroxonium ions H s O + . Hence, it would be proper to write 
the process of water dissociation as follows: 2H a O H a O + -{- OH - . 
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centration of water, i.e. 1000 : 18 = 55.55 mol/1. In dilute 
aqueous solutions, the concentration of water changes only 
slightly, and it can be considered to be constant. Hence, 
the expression for the dissociation constant of water can be 
transformed as follows: 

IH+HOH-] = KlHjO] = K w 

where the constant K w , equal to the product of the con¬ 
centrations of the H + and OH~ ions, is a constant quantity 
at a given temperature and is known as the ion product 
of water*. 

In pure water, the concentrations of the hydrogen ions 
and hydroxide ions are the same, and at 25 °C they are 
10 -7 mol/1. It thus follows that at this temperature K w — 
— 10 -14 . Since the dissociation of water is an endothermic 
process, it intensifies with elevation of the temperature, 
and the value of K w increases. Below are given the values 
of K w at different temperatures, and also the values of 
pK w —the negative logarithms of the ion product of water 
frequently used in calculations: 

f, °C 10 18 25 37 50 60 80 100 

10 14 0.29 0.57 1.00 2.47 5.47 9.61 25.1 55.0 

pK w 14.54 14.24 14.00 13.61 13.26 13.02 12.60 12.26 

Solutions in which the hydrogen ion and hydroxide ion 
concentrations are the same are called neutral solutions. 
For instance, at 25 °C in a neutral solution, [H + ] =• [OH~] = 
= i0 -7 mol/1. In acid solutions, [H + ] >» [OH - ], in alkaline 
solutions [H + ] < [OH - ]. 

Instead of the concentrations of the H + and OH - ions, 
it is more convenient to use their common logarithms taken 
with the reverse sign; these quantities are denoted by the 
symbols pH and pOH, which are also customarily used as 
their names: 

pH = - log [H + 3; pOH = - log [OH - ] 


* Strictly speaking, what is constant is the product of the activities 
of the H + and OH - ions: if w = a(H + ) a(OH - ), and not the product 
of their concentrations. For dilute solutions, however, for which 
the activity coefficients are close to unity, this difference may be 
disregarded in not very accurate calculations. 
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Taking logarithms of the expression [Hi [OH - ] = K w 
and reversing the signs, we get: 

pH + pOH = p K v 

Particularly, at 25 °C 

pH + pOH = 14 


At this temperature, in neutral solutions, pH == 7, in 
acid ones, pH < 7, and in alkaline ones, pH > 7. 

Example 1. The hydrogen ion concentration in a solution is 
4 X 10 -3 mol/1. Determine the pH of the solution. 

Solution. Rounding off the value of the logarithm to 0.01, we get: 

pH = —log (4 X 10-») = —3.60 = — (—3+0.60)=2.40 

Example 2. Determine the hydrogen ion concentration in a solu¬ 
tion whose pH is 4.60. 

Solution. According to the data of the example, —log [Hi = 
= 4.60. Consequently, log [Hi = —4.60 = 5.40. 

Hence, using the table of logarithms at the end of the book, we find 
[H + ] 2.5 X 10 -6 mol/1. 

Example 3. What is the hydroxide ion concentration in a solution 
whose pH is 10.80? 

Solution. From the relationship pH + pOH — 14, we find: 
pOH = 14 - pH = 14 — 10.80 = 3.20 

Hence, -log [OH-] = 3.20 or log [OH - ] = -3.20 = 4~80. 

For this value of the logarithm, we get [OH - ] — 6.31 X 10* 4 mol/1. 

Example 4. Determine the concentrations of H t CO,, HCOr, and 
COl - in a 0.01 M solution of carbonic acid if the pH of this solution 
is 4.18. 

Solution. We find the hydrogen ion concentration in the solution: 
-log [H + ] = 4.18; log [Hi = -4.18 = 5.82 

whence [Hi = 6.61 X 10 -6 mol/1. 

Now, using the data of Table 6 of the Appendix, we shall write the 
expression for the first-step dissociation constant of carbonic acid' 


[HilHCO;] 

1 [H 8 CO s ] 

Introducing the values of [Hi and [H a CO s ], we find 

frir'A—i 4.45 X lO-’ X 10 - * __,,i 

[HCO s ] =- 6.6i x 10 -» -=6.73 X10^ 6 mol/1 


10-1022 
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Similarly, we write the expression for the second-step dissociation 
constant of H,CO,: 


K [H+][COg-] 
[HCOi] 


4.69 x 10~ u 


and find the value of [COg - ]: 

4.69 X 10" u X 6.73 X 10~ 5 
6.61 X 10"‘ 


[COH =- 


=4^xl0~ u mol/1 


When more accurate calculations are needed to character¬ 
ize the state of H + ions in a solution, one must calculate 
the quantity pa(H+) equal to the negative logarithm of the 
activity of the hydrogen ions in the solution: 

pa (H+) - - log a (H+) = - log [/ (H + ) c (H+)] 

instead of the pH. 

Example 5. Determine the activity of the hydrogen ions and the 
value of po(H+) for a 2.5 X 10"® M solution of HCi containing also 
2.5 X 10"® mol/1 of KC1. 

Solution. For electrolytes consisting of singly charged ions, the 
value of the ionic strength is numerically equal to the total concentra¬ 
tion of the solution; in the given case, / = 2.5 X 10"® -j- 2.5 X 10"®== 
== 5 X 10"®. At this ionic strength, the activity coefficient of a singly 
charged ion is €.95 (see Table 7 of the Appendix). Consequently, 

a(H + ) = 0.95 X 2.5 X 10"® = 2.38 X 10"® 

We now find the value of pa(H + ): 

pa(H + ) = —log a(H + ) = —log (2.38 X 10"*)=—3.38=2.62 


PROBLEMS * 

529. Find the hydrogen ion concentration in solutions in 
which the hydroxide ion concentration (in mol/1) is (a) 10 -4 , 
(h) 3.2 X 10-®, and (c) 7.4 x 10" u . 

530. Find the hydroxide ion concentration in solutions 
m which the hydrogen ion concentration (in mol/1) is (a) 
10-®, (b) 6.5 X 10-®, and (c) 1.4 X 10“ w . 


* In solving the problems of this section, use Tables 6 and 7 of 
the Appendix when needed. Unless otherwise indicated, it is assumed 
that the solutions are at 20-25 °C, so that A w can be taken equal 
to 10- 14 . 
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531. Calculate tlie pH of solutions in which the hydrogen 
ion concentration (in mol/1) is (a) 2 x 10 -7 , (b) 8.1 X 10 -8 , 
and (c) 2.7 X 10 -10 . 

532. Calculate the pH of solutions in which the hydroxide 
ion concentration (in mol/1) is (a) 4.6 X 10~*, (b) 5 X 10 -8 , 
and (c) 9.3 x 10 -9 . 

533. Calculate the pH of a 0.01 N solution of acetic acid 
in which the degree of dissociation of the acid is 0.042. 

534. Determine the pH of a solution, one litre of which 
contains 0.1 g of NaOH. Assume the dissociation of the al¬ 
kali to be complete. 

535. How many times is the hydrogen ion concentration 
in the blood (pH = 7.36) greater than in the spinal fluid 
(pH = 7.53)? 

536. Determine [H + ] and [OH - ] for a solution whose pH 
is 6.2. 

537. Calculate the pH of the following solutions of weak 
electrolytes: (a) 0.02 M NH 4 OH, (b) 0.1 M HCN, (c) 0.05 N 
HCOOH, and (d) 0.01 M CH a COOH. 

538. What is the concentration of an acetic acid solution 
whose pH is 5.2? 

539. Calculate the values of a(OH - ) and pa(OH - ) for 
a 0.2 N solution of NaOH, assuming that / (OH - ) = 0.8. 

540. Using the data of Table 7 of the Appendix, find 
pa (H + ) for a 0.005 N solution of HC1 containing, in addi¬ 
tion, 0.015 mol/1 of NaCl. 

541. The degree of dissociation of a weak monobasic 
acid in a 0.2 N solution is 0.03. Calculate the values of [H + l, 
[OH - ], and pOH for this solution. 

542. Calculate the pH of a solution prepared by mixing 
25 ml of a 0.5 M solution of HC1, 10 ml of a 0.5 M solution 
of NaOH, and 15 ml of water. Assume that the activity 
coefficients of the ions equal unity. 

543. Calculate the pH of a 0.1 N solution of acetic acid 
containing, in addition, 0.1 mol/1 of CH s COONa. Assume 
that the activity coefficients of the ions equal unity. 

544. How will the pH change if we double the amount of 
water in (a) a 0.2 M solution of HC1, (b) a 0.2 M solution of 
CHjCOOH, (c) a solution containing 0.1 mol/1 of CH 3 COOH 
and 0.1 mol/1 of CH 3 COONa? 


10* 
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REVIEW QUESTIONS 

545. Indicate which of the series of acids listed below 
correspond to a growth in the pH in solutions having the same 
molar concentration, (a) HCN, HF, HOC1, HCOOH, 
CH s ClCOOH; (b) HNO„, HNO*, CH 3 COOH, HCN; (c) HC1, 
CHjCICOOH, HF, H 3 B0 3 , 

546. The pH of a 0.01 N solution of a monobasic acid is 
four. Which statement about the strength of this acid is 
correct? (a) The acid is weak; (b) the acid is strong. 

547. How will the acidity of a 0.2 N solution of HCN 
change when 0.5 mol/1 of potassium cyanide KCN is added 
to it? (a) It will grow; (b) it will diminish; (c) it will not 
change. 

548. How must the hydrogen ion concentration in a 
solution be changed for the pH of the solution to grow by 
unity? (a) It must be increased 10 times; (b) it must be in¬ 
creased by 1 mol/1; (c) it must be diminished to one-tenth of its 
original value; (d) it must be diminished by 1 mol/1. 

549. How many hydrogen ions are contained in 1 ml of 
a solution whose pH is 13? (a) 10 18 ; (b) 6.02 x 10 13 ; (c) 
6.02 x IQ 7 ; (d) 6.02 x 10 10 . 

550. How will the pH of water change if 10 _ * mol of 
NaOH is added to 10 litres of it? (a) It will grow by 2; (b) it 
will grow by 3; (c) it will grow by 4; (d) it will diminish by 4. 

551. What is the pH of a neutral solution at 50 °C? 
(a) 5.5; (b) 6.6: (c) 7.0. 

4. Solubility Product 

In a saturated solution of a sparingly soluble strong elec¬ 
trolyte, equilibrium sets in between the precipitate (solid 
phase) of the electrolyte and its ions in the solution, for 
example: 

BaS0 4 ** Ba a + SO|- 
in precipitate in solution 

Since the state of ions in electrolyte solutions is deter¬ 
mined by their activities, the equilibrium constant of the 
latter process is expressed by the following equation: 

,, a (Ba a+ ) a (SOf-) 
a (Ba$0 4 ) 
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The denominator of this fraction, i.e. the activity of 
the solid barium sulphate, is a constant quantity, so that 
the product i£a(BaS0 4 ) is also constant at a given tempera¬ 
ture. It follows that the product of the activities of the Ba 8+ 
and S0 4 ~ ions is also a constant quantity. The latter is 
known as the solubility product and is designated by K sp : 

a(Ba 8+ )a(S0n=tfg P (BaS0 4 ) 

The product of the activities of the ions of a sparingly soluble 
electrolyte contained in its saturated solution (the solubility 
product) is a constant quantity at a given temperature. 

If an electrolyte is very poorly soluble, the ionic strength 
of its saturated solution is close to zero, and the activity 
coefficients of its ions differ only slightly from unity. In 
such cases, the product of the activities of the ions in the 
expression for J? gp can be replaced by the product of their 
concentrations. For instance, the ionic strength of a satu¬ 
rated solution of BaS0 4 is of the order of 10 ~ 5 , and the sol¬ 
ubility product of this compound can be written as follows: 

tf gp (BaS0 4 ) = [Ba 3+ ] [SO 8 -] 

In the examples and problems given below, unless spe¬ 
cially indicated, the possible difference of the activity coeffi¬ 
cients of the ions from unity will be disregarded, and the 
solubility product will be expressed through the concentra¬ 
tions of the relevant ions. 

If a molecule of an electrolyte forms two or more identical 
ions upon dissociation, the concentrations (activities) of 
these ions must be raised to the relevant powers in the ex¬ 
pression for Kt . p , for example: 

K b P (CaF 2 ) = [Ca«+][F-]2; 8p [Ca 3 (P0 4 ) 2 ] - [Ca 8 *] 3 [POn 2 

When the concentration of one of the ions of an electrolyte 
in its saturated solution is increased (for instance, by intro¬ 
ducing another electrolyte containing the same ion), the 
product of the concentrations of the electrolyte ions becomes 
greater than K SJ) . Equilibrium between the solid phase 
and the solution shifts in the direction of precipitate for¬ 
mation. Consequently, the condition for the formation of a 
precipitate is the greater value of the product of the concentra¬ 
tions of the ions belonging to a sparingly soluble electrolyte in 
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comparison with its solubility product. As a result of precipi¬ 
tate formation, the concentration of the other ion in the 
composition of the electrolyte also changes. New equilibrium 
sets in at which the product of the concentrations of the 
electrolyte ions again becomes equal to K ep . 

Conversely, if the concentration of one of the ions in a 
saturated electrolyte solution is diminished (for instance, 
by combining it with another ion), the product of the ion 
concentrations will be lower than the value of K 8V , the 
solution will become unsaturated, and equilibrium between 
the liquid phase and the precipitate will shift in the direc¬ 
tion of dissolving the precipitate. Hence, the precipitate of a 
sparingly soluble electrolyte dissolves provided that the product 
of the concentrations of its ions is lower than the value of K sp . 

We can use the values of K sp to calculate the solubility 
of sparingly soluble electrolytes in water and in solutions 
containing other electrolytes. The values of K ep for a num¬ 
ber of electrolytes are given in Table 8 of the Appendix. 

Example 1. The solubility of magnesium hydroxide Mg(OH), 
at 18 °C is 1.7 X 10 - * mol/1. Find the solubility product of Mg(OH) s 
at this temperature. 

Solution. When each mole of Mg(OH), dissolves, one mole of Mg* + 
ions and twice this number of OH - ions pass into the solution. Hence, 
in a saturated solution of Mg(OH) 2 

[Mg*+] = 1.7 X 10~* mol/1; [OH-] = 3.4 X 10-* mol/1 

whence 

^ sp [Mg(OH),I = lMg* + ][OHi* = 1.7 X 1(H (3.4x10-*)* = 

= 1.96 X 10- u 

Example 2. The solubility product of lead iodide at 20 °C is 
8 X 10-". Calculate the solubility of the salt (in mol/1 and in g/1) at 
this temperature. 

Solution. Let us denote the required solubility by s (mol/1). There¬ 
fore, a saturated solution of Pbl 3 contains s mol/1 of Ph* + ions and 
2» mol/1 of I~ ions. Hence: 

/r sp (PbI t ) = [Pb 2+ ][I-] a = * (2s)* = 4s* 

whence 

. , Y = j/W.U x 1(h . B0l/1 

Since the molar mass of Pbl 2 is 461 g/mol, the solubility of Pbl t 
expressed in g/1 is 1.3 X 10 - * X 461 = 0.6 g/1. 
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Example 3. How does the solubility of calcium oxalate CaCj0 4 
in a 0.1 M solution of ammonium oxalate (NH 4 )«C s 0 4 decrease in 
comparison with its solubility in water? Assume that the ionization 
of the ammonium oxalate is complete. 

Solution. We first calculate the solubility of calcium oxalate in 
water. Denoting the concentration of the salt in a saturated solution 
by * (mol/1), we can write: 

A sp (CaC 2 0 4 ) = [Ca ,+ ] [C a OJ-l = s* 

Using the value of /T 8p (CaC 2 0 4 ) from Table 8 of the Appendix, we 
obtain: 


* = y A sp (CaC 2 0 4 ) = V2 X10-*== 4.5 x 10"* mol/1 

Now we find the solubility of the same salt in a 0.1 M solution of 
(NH 4 ) 2 Cj 0 4 ; we denote it by s'. The concentration of the Ca* + ions in 
a saturated solution will also be s', while the concentration of the 
C ? Of- ions will be (0.1 -f- s'). Since s' <0.1, the quantity s' may be 
disregarded in comparison ^with 0.1, and we may consider that 
[C 8 0| - 1 = 0.1 mol/f. We can therefore write: 

jr Bp (CaC*0 4 ) = 2X 10-» = s' X 0.1 
and 


,'=.2X10^2X10-* mol/I 

Consequently, in the presence of ammonium oxalate, the solubility 
of CaC.0 4 drops to 2 X 10~ 8 /4.5 X 10 -5 , i.e. to about 1/2200 of its 
original value in water. 

Example 4. Equal volumes of 0.02 N solutions of calcium chloride 
and sodium sulphate are mixed. Will a calcium sulphate precipitate 
form? 

Solution. We find the product of the concentrations of the Ca*+ 
and SOJ- ions and compare it with the solubility product of calcium 
sulphate. The initial molar concentrations of the CaCI, and Na,S0 4 
solutions are the same and equal 0.01 mol/1. When the initial solutions 
are mixed, the total volume of the solution will be doubled. The ion 
concentrations (Ca* + ) and [SOJ - ) will thus be halved in comparison 
with the initial ones. Hence, 

[Ca*+] = fSOJ-J = 0.005 = 5 X 10~» mol/l 

We find the product of the ion concentrations: 

[Ca*+] [SOf-I = (5X 10-*)« = 2.5 X 10-» 

In Table 8 of the Appendix, we find /T gp (CaS0 4 ) = 1.3 X 10~* 
The found value of the product of the ion concentrations is less than 
this value. Consequently, the solution will not be saturated with 
respect to t e calcium sulphate, and no precipitate forms. 

If a saturated solution of a sparingly soluble electrolyte 
also contains other electrolytes, the ionic strength of the 
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solution may be quite considerable. In such cases, the activ¬ 
ity coefficients must be taken into account in calculations 
involving the solubility product. 


Example 5. The solubility product of calcium oxalate CaC 2 0 4 
is 2 X 10-®. Find the soluhility of this salt in a 0.1 M solution of am¬ 
monium oxalate (NHjIjCjO*. 

Solution. We express the solubility product of CaC a 0 4 through 
the activity of its ions: 

* sp (CaC a 0 4 ) = o(Ca* + )a(C s OJ-) = 

= ICa*+l [CjOf - ] /(Ca ,+ )/(C I 0|~) 


Denoting the required solubility of the salt by a, we find that 
[Ca*+] = * mol/1, and [C 2 Oj-] = 0.1 mol/1. Hence, 

2 x 10~® — 0.1s/(Ca* + )/(C 2 0| - ); «= /(Ga^/^O f) 


To find the values of the activity coefiicients, we must calculate 
the ionic strength of a 0.1 M solution of (NH 4 ) 2 C 2 0 4 : 


I = 0.5 (0.2 X 1* + 0.1 X 2*) = 0.3 

According to Table 7 of the Appendix, at this ionic strength, the 
activity coefficients of doubly charged ions are 0.42. Consequently, 


s 


2 X 10-" 
0.42 X 0.42 


=1.1 x 10 -7 mol/1 


Comparing the value thus found with the results of an approximate 
calculation disregarding the activity coefficients (see Example 3) 
we see that this resulted in an appreciable error. 


PROBLEMS* 

552. The solubility of CaC0 3 at 35 °C is 6.9 x 
X 10~ B mol/1. Calculate the solubility product of this salt. 

553. Calculate the solubility product of PbBr a at 25 °C 
if the solubility of the salt at this temperature is 1.32 X 
X 10~ a mol/1. 

554. What is the solubility product of Ag a Cr0 4 if 0.0166 g 
of the salt dissolves in 500 ml of water at 18 °C? 

555. Two litres of water were needed to dissolve 1.16 g of 
Phl 2 . Find the solubility product of the salt. 


• In solving the problems of this section, use Tables 7 and 8 of 
the Appendix when needed. 
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556. Proceeding from the solubility product of calcium 
carbonate, find the mass of CaC0 3 contained in 100 ml of, 
its saturated solution. 

557. Determine the mass of silver present in the form of 
ions in one litre of a saturated AgBr solution. 

558. What volume of water is needed to dissolve 1 g of 
BaS0 4 at 25 °C? 

559. What volume of a saturated solution of Ag a S contains 
1 ml of the dissolved salt? 

560. How many times is the solubility (in mol/I) of Fe(OH) 2 
in water greater than that of Fe(OH) 3 at 25 °C? 

561. Will a precipitate of silver sulphate form if a 1 AT 
solution of H s S 0 4 is added to an equal volume of a 0.02 M 
solution of AgN0 3 ? 

562. Will a silver chloride precipitate form if 450 ml of 
a 0.0001 N solution of AgN0 3 are added to 50 ml of a 0.001 N 
solution of HC1? 

563. Will a precipitate of lead chloride form if a 0.4 N 
solution of NaCl is added to an equal volume of a 0.1 N so¬ 
lution of Pb(N0 3 ) s ? 

564. How will the concentration of silver ions in a satu¬ 
rated solution of AgCl diminish if such an amount of hydro¬ 
chloric acid is added to it that the concentration of the Cl“ 
ions in the solution becomes equal to 0.03 mol/1? 

565. Calculate the solubility of CaF a in water and in a 
0.05 M solution of CaCl a . How many times is the solubility 
in the first case greater than in the second? 

566. What fraction does the solubility of AgCl in a 
0.001 N solution form of its solubility in water? Perform 
the calculations taking into account the activity coeffi¬ 
cients and using Table of the Appendix. 


REVIEW QUESTIONS 

567. In which of the following cases is the solution of 
the electrolyte MX unsaturated? (a) [M' + ] [X 2_ J < X sp ; 
(b) [M I+ ] [X*-l = X sp ; (c) [M 2+ l rx 2 -] > X ap . 

568. Let the solubility of AgCl in water, in 0.01 Af CaCl 2 , 
in 0.01 M NaCI, and 0.05 M AgNO s be s 0 , s 1t s a and s 3 , re¬ 
spectively. What relationship between these quantities is 
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correct? (a) s 0 > s t > s 2 > ^sl (b) s 0 >s i >s 1 > s„; 

(c) Jo Sj a== s 9 s 8 , (d) Sq s 9 s 9 Sj. 

569. A solution containing 0.01 mol/1 of CaCl 2 and 
0.01 mol/1 of SrCl 2 is slowly added to a 0.01 N solution of 
H 2 S0 4 . What substance begins to precipitate earlier? 
(a) SrS0 4 ; (b) CaS0 4 . 

570. The solubility products of NiC a 0 4 and Na s AlF # are 
the same (4 X 10 -10 ). What relationship between the sol¬ 
ubilities (mol/1) of there salts is correct? (a) s (NiC 2 0 4 ) > 
> s(Na 8 AlF 8 ); (b) s(NiC 2 0 4 ) = s(Na 8 A!F 8 ); (c) s(NiC 2 0 4 )< 
< s (Na 8 AlF 8 ). 

571. The solubility products of AgBrO s and Ag 2 S0 4 are 

5.5 x 10~ B and 2 x 10 -5 , respectively. Indicate the correct 
relationship between the solubilities (s, mol/1) of these 
salts, (a) s(AgBrO„) <.s(Ag 2 S0 4 ); (b) s(AgBrO s ) « 

~ s(Ag 2 S0 4 ); (c) s(AgBrO a ) > s(Ag 2 S0 4 ). 

572. How will the solubility of CaF 2 in a 0.1 Af solution 
of KNO s change in comparison with its solubility in water? 
(a) It will grow; (b) it will diminish; (c) it will remain un¬ 
changed. 


5. Exchange Reactions In Electrolyte 
Solutions. Hydrolysis of Salts 

The exchange reactions occurring in electrolyte solutions 
are participated in by the ions in the solutions in addition 
to the undissociated molecules of weak electrolytes, solids, 
and gases. For this reason, the essence of these processes is 
expressed most completely when they are written in the 
form of net ionic equations. In there equations, the weak 
electrolytes, sparingly soluble compounds, and gases are 
written in the molecular form, and the strong electrolytes 
in the solution, in the form of their constituent ions. For 
example, the equations of the neutralization of strong acids 
by strong bases 

HC10 4 + NaOH - NaCl0 4 -j- H*0 
2HNO, + Ca(OH) a = Ca{NO,,) a + 2H s O 

are expressed by the same net ionic equation 
H + + OH* = H 4 0 
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from which it follows that the essence of these processes 
consists in the formation of a weakly dissociating electro¬ 
lyte—water—from hydrogen ions and hydroxide ions. 

Similarly, the equations of the reactions 
BaCl x + H,S0 4 = BaS0 4 -f 2HC1 
Ba(NOj) a + Na,S0 4 = BaS0 4 + 2NaNO s 

express the same process of formation of a precipitate of a 
sparingly soluble electrolyte—barium sulphate—from Ba 8+ 
and SOJ" ions: 

Ba® + 4 SOJ- = BaS0 4 

The above examples show that exchange reactions in so¬ 
lutions of electrolytes proceed in the direction of combination 
of the ions leading to the formation of sparingly soluble sub¬ 
stances (precipitates or gases) or of molecules of weak electro¬ 
lytes. 

Example 1. Write the equations of the reactions between the 
following substances in the net ionic form: CHgCOONa and H 2 S0 4 ; 
Na 2 CO„ and HNO,; HCN and Ca(OH) 2 ; Pb(N0 8 ) 2 and K,Cr0 4 . 

Solution. Since CH 2 COOH, HCN, and H.O are weak electrolytes, 
and CO. and PbCrO$ are substances sparingly soluble in water, the 
required equations will have the following form: 

CH g COO- 4 H + = CHgCOOH 
CO?- + 2 H + = C0 2 t + H 2 0 
HCN 4 OH- = CN- 4 H a 0 
Pb®+ 4 CrO|- = PbCr0 4 i 

When both the reactants and the products contain spar¬ 
ingly soluble substances (or weak electrolytes), equilibrium 
shifts in the direction of formation of the least soluble or least 
dissociated substances. For example, in the neutralization 
of a weak acid with a strong base 

CHgCOOH 4 KOH = CHgCOOK 4 H a O 
or 

CHgCOOH 4 OH- = CHgCOO- 4 H 2 0 

two weak electrolytes participate in the reaction—a weak 
acid (CHgCOOH) and water. Equilibrium is greatly shifted 
in the direction of formation of the weaker electrolyte- 
water, whose dissociation constant (1.8 X 10~ 16 ) is much 
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smaller than that of acetic acid (1.8 X 10~ 8 ). Such a reac¬ 
tion will not go to the end, however: a small amount of un¬ 
dissociated molecules CH 3 COOH and ions OH - remain in 
the solution, so that the latter will be not neutral (as in 
the, neutralization of a strong acid with a strong base), 
but weakly basic. 

Similarly, in the neutralization of a weak base with a 
strong acid: 

Zn(OH), + 2HNO, = Zn(NO g ) 2 + 2H„0 
or 

Zn(OH) 2 + 2H+ = Zn® + + 2H a O 

equilibrium will be greatly shifted to the right—in the 
direction of formation of the weaker electrolyte (water), 
but when equilibrium is reached, the solution will contain 
a small amount of undissociated molecules of the base and 
H + ions, and will be weakly acidic. 

Thus, neutralization reactions in which weak acids or 
bases participate are reversible, i.e. can proceed not only 
in the forward, but also in the reverse direction. This sig¬ 
nifies that when we dissolve in water a salt comprising an 
anion of a weak acid or a cation of a weak base, a hydrolysis 
process occurs, i.e. an exchange reaction between a salt 
and water, the result of which is the formation of a weak 
acid or a weak base. 

If a salt is formed by a weak acid and a strong base, hydrol¬ 
ysis causes hydroxide ions to form in the solution, which 
becomes basic, for instance: 

KCN -f H 2 0 5 * HCN + KOH 

CN- + H s O ** HCN + OH- 

It can be seen that in such cases the anion ot the salt un¬ 
dergoes hydrolysis. 

In the hydrolysis of a salt formed by a strong acid and 
a weak base, the cation of the salt becomes hydrolyzed; 
the hydrogen ion concentration in the solution grows, and 
it becomes acidic, for example: 

ZnCI 2 -f H a O ** Zn(OH)Cl + HCI 

Zn s+ -f H 2 0 ZnOH + + H + 
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When a salt formed by a weak acid and a weak base 
reacts with water, both its cation and its anion become 
hydrolyzed; for example, in the hydrolysis of lead acetate 

Pb(CH,COO), + H,0 =n= Pb(OH)CH s COO -f CH s COOH 
two processes occur simultaneously: 

Pb 4+ + H*0 ** PbOH + + H+ 

CH # COO- + H*0 ** CH a COOH + OH- 

In this case, the reaction of the solution depends on the 
relative strength of the acid and base forming the salt. If 
^acia » Kbaati the cation and the anion become hydrolyzed 
to an equal extent, and the solution will be neutral; if 
K a cid > -Kbasej the cation of the salt becomes hydrolyzed 
to a greater extent than the anion so that the concentration 
of the H + ions in the solution will be greater than that of 
the hydroxide ions, and the solution will be slightly acidic; 
finally, if # a cid < Abase* the anion of the salt mainly 
becomes hydrolyzed, and the solution will be slightly basic. 

Salts formed by a strong acid and a strong base do not 
become hydrolyzed because in this case the neutralization 
reaction, which is the opposite of hydrolysis, is virtually 
irreversible, i.e. goes to completion. 

The hydrolysis of a salt formed by a weak acid HA and 
a strong base is characterized by the hydrolysis constant K h : 

K 10H-1IHA] _ K„ 
h [A - ] Aacid 

where A w is the ion product of water. 

The last expression shows that the weaker an acid, i.e. 
the lower its dissociation constant, the greater is the hy¬ 
drolysis constant of its salts. 

Similarly, for a salt of a weak base MOH and a strong acid: 

[H+][MOH] K w 
h [M + J - A base 

Therefore, is the greater, the smaller is A ba8e , i.e. 
the weaker is the base MOH. 

The degree of hydrolysis h is defined as the fraction of 
an electrolyte that has become hydrolyzed. It is related to 
the hydrolysis constant K b by an equation similar to the 
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Ostwald dilution law for the dissociation of a weak electro¬ 
lyte: 


Most often, the hydrolyzed part of a salt is very small, 
and the concentration of the hydrolysis products is insignifi¬ 
cant. In such cases, 1, and this quantity may be disre¬ 
garded in the denominator of the last formula. Hence, the 
relationship between K h and h becomes simpler: 

or 


The last equation shows that the degree of hydrolysis 
of a given salt increases when its concentration diminishes; 
in other words, when a solution of a hydrolyzing salt is diluted , 
the degree of its hydrolysis grows. 


Example 2. Calculate the degree of hydrolysis of potassium acetate 
in a 0.1 M solution and the pH of the solution. 

Solution. The equation of the hydrolysis reaction is: 

CH.COO- + H a O ** CH,COOH -f OH" 

To calculate the degree of hydrolysis, we first find the hydrolysis 
constant. For this purpose, we use the value of the dissociation constant 
of acetic acid (1.8 X 1(H) given in Table 6 of the Appendix: 


*h = 


Km 


10~ 14 


Aaotd 1.8 X 10~ B 
We now find the degree of hydrolysis: 


= 5.56 x 10~ w 




7.5X10"* 


To calculate the pH, we must take into account that as a result of 
the hydrolysis of each CH s COO - anion, one hydroxide ion forms. 
If the initial concentration of the hydrolyzing anions is c mol/1, and 
the fraction h of these anions becomes hydrolyzed, he mol/1 of OH~ 
ions will be produced. Hence, 

[OH-] = he = 7.5 X 10-* X 0.1 = 7.5 X 10-* mol/1 


and 

pOH = —log {OH") = -log (7.5 X 10-*) = —(6.88) = 
= -(—5.12) = 5.12 

whence 


pH = 14 — pOH = 14 — 5.12 = 8.88 
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The hydrolysis of salts formed by weak polybasic acids 
proceeds in steps, the products of the first hydrolysis steps 
being acid salts. For instance, in the hydrolysis of potassium 
carbonate, the CO§~ ion attaches one hydrogen ion to form 
the hydrogen carbonate ion HCOj: 

COJ- + H.O a* HCOj + OH- 


or in the molecular form 

K,CO, + H,0 KHCOj + KOH 


This is the first hydrolysis step. The relevant hydrolysis 
constant is determined by the value of the dissociation con¬ 
stant of the acid (HCO;) formed in hydrolysis, i.e. by the 
second dissociation constant of carbonic acid H 2 CO, 
(4.7 X 10- 11 ). Hence 




K 


■f^acld. i 


w__ 


10 - 1 * 


4.7 X 10” u 


= 2.1 X 10"* 


The accumulation of OH“ ions in the solution prevents 
the further proceeding of hydrolysis. If the hydroxide ions 
produced are combined, however (for example, by adding 
an acid to the solution), the HCOj anion, in turn, becomes 
hydrolyzed (the second step of hydrolysis): 

HCO; + H,0 =Ft H s CO a + OH" 

or in the molecular form: 


KHCO, + H,0 ** H,CO a + KOH 


The second-step hydrolysis constant is determined by the 
value of the first dissociation constant of carbonic acid 
(4.5 X 10- 7 ): 


K , 


a,a 


K v 

■^aold. l 


10 - 1 * 
4.5 X 10-’ 


2.2 X IQ' 8 


We can see that ^b.a'C K^, i- This is associated with the 
fact that the first-step dissociation constant, as a rule, is 
considerably greater than the second-step one. Consequently, 
in approximate calculations connected with the hydrolysis 
of salts of weak polybasic acids, only first-step hydrolysis 
may be taken into consideration. 

The hydrolysis of salts formed by weak bases of polyvalent 
metals also proceeds in steps. First-step hydrolysis yields 
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a basic salt, for instance: 

ZnCl 2 + H,0 ZnOHCi + HC1 
Zn a+ + H,0 ZnOH+ + H + 

The second step of hydrolysis is the reaction with water of 
the basic salt formed (or, more exactly, of the hydroxoeat- 
ion formed): 

ZnOHCi + H,0 Zn(OH)„ + HCl 
ZnOH + + H,0 Zn(OH) 2 + H + 

In such cases, ^h,i is considerably greater than and if 
the H + ions formed are not combined, second-step hydrolysis 
will virtually not proceed. 

Example 3. Determine the pH of a 0.1 M solution of potassium 
orthophosphate. 

Solution. We shall assume that hydrolysis proceeds virtually only 
in the first step: 

K 8 P0 4 4 - H # 0 ^ K # HP0 4 + KOH 
PO»- -f H,0 HPO|- -f OH- 

The hydrolysis constant for this step is determined by the dissocia¬ 
tion constant of the formed weak acid HPO|~, i.e. by the third disso¬ 
ciation constant of orthophosphoric acid (1.3 X 10- ia ): 


*h.j = 


K w 10 -14 
K a "~1.3xl0" ia 


= 7.7x10~ a 


We find the degree of hydrolysis: 




7.7 X 10- s 
0.1 


2.8 x 10-* 


The concentration of the hydroxide ions produced is he, i.e. 

[OH-] = 2.8 X 10* a X 0.1 = 2.8 X 10- 8 

whence 

pOH = —log (2.8 X 10- 8 ) = 2.55 
We finally obtain: 

pH = 14 — pOH = 11.45 

If we introduce a reagent combining with the H + or OH" 
ions formed in hydrolysis into a solution of a hydrolyzing 
salt, in accordance with Le Chatelier’s principle equilibrium 
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will shift in the direction of an intensification of hydrolysis; 
as a result, hydrolysis may go to the end, to the formation 
of its products. The H + (or OH") ions can he combined into 
water molecules by introducing into the solution not only 
an alkali (or acid), but also another salt whose hydrolysis 
leads to the accumulation of OH" (or H + ) ions in the solu¬ 
tion; the H + and OH" ions will neutralize one another, this 
causing the mutual intensification of the hydrolysis of both 
salts and the formation of the hydrolysis products. For in¬ 
stance, when solutions of Na 2 C0 3 and A1C1 3 containing 
excess OH" and H + ions, respectively, are mixed, the mu¬ 
tual intensification of hydrolysis leads to the liberation of 
CO a and the formation of an Al(OH) s precipitate: 

2AlCl a +3Na»C0 8 +3H a 0 = 2Al(OH) a l + 3CO.f+ 6NaCI] 

2A1® + + 3C05" + 311,0 = 2Al(OH) s i + 3CO*t 

The least soluble of the hydrolysis products precipitates in 
such cases. For example, the solubility of copper hydroxide 
carbonate (Cu0H) 2 C0 3 is lower than that of copper hydrox¬ 
ide Cu(OH) a . Therefore, when solutions of CuS0 4 and 
Na a CO s are mixed, it is (CuOH) 2 C0 3 that is the hydrolysis 
product: 

2CuS0 4 +2Na a C0 a +H a 0 = (Cu0H) a C0 3 H-CO a t+2Na a S0 4 

2Cu*+ + 2CO§" + H a O = (CuOH) a CO a i -f CO a t 

The equilibrium of hydrolysis can also be shifted by a 
change in the temperature. Since the reverse process of 
hydrolysis—neutralization-proceeds with the liberation 
of heat, a hydrolysis reaction is an endothermic process. 
Consequently, elevation of the temperature leads to the 
intensification of hydrolysis, whereas lowering of the tem¬ 
perature, to its diminishing. 

PROBLEMS* 

573. Write the net ionic equations of the reactions lead¬ 
ing to the formation of sparingly soluble precipitates or 
gases: (a) Pb(N0 3 ) a + KI; (b) NiCl a + H a S; (c) K a CO a 4- 


* In solving the problems of this section use Table 6 of the Ap¬ 
pendix to calculate the hydrolysis constants when needed. 


11-1022 
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+ HC1; (d) CuS0 4 + NaOH; (e) CaC0 3 + HC1; (f) 
Na a SO a + H 2 S0 4 ; and (g) AlBr 3 + AgNO a . 

574. Write the net ionic equations of the reactions leading 
to the formation of poorly dissociating compounds: (a) 
Na s S + H 2 S0 4 ; (b) FeS + HC1; (c) HCOOK + HNO s ; 
(d) NH 4 C1 + Ca(OH) a ; and (e) NaOCl + HNO a . 

575. Write the net ionic equations of the following neu¬ 
tralization reactions: (a) HC1 + Ba(OH) s ; (b) HF -f- KOH; 

(c) Fe(0H) 3 + HNO s ; (d) CH s COOH + NH 4 OH; <e) 
HNO a + NH 4 OH; (f) H a S -f NH 4 OH. 

Indicate which of these reactions are reversible and which 
irreversible. 

576. Write the net ionic equations of the reactions between 
aqueous solutions of the following substances: (a) NaHCO a 
and HC1; (b) FeCl s and KOH; (c) Pb(CH 3 COO) 2 and Na a S; 

(d) KHS and H a S0 4 ; (e) Zn(N0 3 ) a -f- KOH(excess); (f) 
Ca(OH) a + CO a ; and (g) Ca(OH) a + CO a (excess). 

Indicate for each case the reason why equilibrium shifts 
in the direction of the forward reaction. 

577. Which of the salts listed below become hydrolyzed? 
NaCN, KNO„ KOC1, NaNO a , NH 4 CH 3 COO, CaCl a , NaC10 4 , 
KHCOO, and KBr. Write the net ionic equation of hydrol¬ 
ysis for each of the hydrolyzing salts and indicate whether 
its aqueous solution is neutral, acidic, or basic. 

578. Indicate which of the salts listed below become hy¬ 
drolyzed: ZnBr a , K a S, Fe a (S0 4 ) 3 , MgS0 4 , Cr(N0 3 ) 3 , K a C0 3 , 
Na 3 P0 4 , and CuCl a . For each of the hydrolyzing salts write 
the molecular and net ionic equations of hydrolysis for each 
step and indicate whether an aqueous solution of the salt 
is neutral, acidic, or basic. 

579. What colour will litmus acquire in aqueous solu¬ 
tions of KCN, NH 4 C1, K a SO s , NaNO a , FeCl 3 , Na a C0 3 , and 
Na 2 S0 4 ? Substantiate your answer. 

580. Calculate the hydrolysis constant of potassium fluo¬ 
ride; determine the degree of hydrolysis of this salt in a 
0.01 M solution and the pH of the solution. 

581. Calculate the hydrolysis constant of ammonium 
chloride, determine the degree of hydrolysis of this salt in 
a 0.01 M solution and the pH of the solution. 

582. Determine the pH of a 0.02 N solution of soda 
Na a CO a , taking only first-step hydrolysis into account. 
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583. Compare the degree of hydrolysis of the salt and the 
pH of the solution in 0.1 M and 0.001 M solutions of po¬ 
tassium cyanide. 

584. At 60 °C, the ion product of water is A w = 10“ ls . 
Assuming that the dissociation constant of hypochlorous 
acid does not change with the temperature, find the pH of 
a 0.001 N solution of KOC1 at 25 and 60 °C. 

585. The pH of a 0.1 M solution of the sodium salt of a 
monobasic organic acid is 10. Calculate the dissociation 
constant of the acid. 

586. Proceeding from the values of the dissociation con¬ 
stants for the relevant acids and bases, indicate the reaction 
of aqueous solutions of the following salts: NH 4 CN, NH 4 F, 
(NH 4 ) 2 S. 

587. At pH <3.1, the indicator methyl red is coloured 
red, at pH > 6.3 it is yellow, and at intermediate values of 
the pH it is orange. What will the colour of the indicator 
be in a 0.1 M solution of NH 4 Br? 

588. A solution of NaH 2 P0 4 is weakly acidic, and that 
of Na 3 P0 4 strongly basic. Explain these facts and motivate 
them by the relevant net ionic equations. 

589. Why is a solution of NaHC0 8 weakly basic, and a 
solution of NaHS0 8 weakly acidic? 

590. When aqueous solutions of Cr(N0 8 ) a and Na a S are 
poured into the same vessel, a precipitate of chromium(III) 
hydroxide is formed and a gas is liberated. Write the mo¬ 
lecular and net ionic equations of the reaction. 

REVIEW QUESTIONS 

591. In what direction will the equilibrium of the reac¬ 
tion Agl(c) + NaCl(aq) AgCl(c) + Nal(aq) shift? (a) In 
the direction of the forward reaction; (b) in the direction 
of the reverse reaction. 

592. In what direction will the equilibrium of the 
reaction CH 3 COONa + CII 2 ClCOOH CH s COOH + 
-f CHgCICOONa shift in an aqueous solution? (a) In the di¬ 
rection of the forward reaction; (b) in the direction of the 
reverse reaction. 

593. Indicate which order of arrangement of solutions 
having an equal molecular concentration corresponds to a 


n* 
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growth in the pH. (a) NH 4 Cl-NaN0 8 -CH 2 CICOONa-NaF- 
CH 3 COONa-NaCN;(b)NaCN-CH 3 COONa~NaF-CH 2 ClCOONa- 
NaNO s -NH 4 Cl. 

594. Litmus changes its colour within a pH range from 
5 to 8.3. What will be the colour of a 0.001 M solution of 
sodium acetate GH a COONa (K^ — 5.6 X 10" 9 ) containing 
litmus? (a) Red; (b) violet; (c) blue. 

595. The indicator methyl orange changes its colour from 
red to yellow within a pH range from 3.2 to 4.4. What will 
be the colour of a 0.1 M aqueous solution of ammonium ace¬ 
tate CHjjCOONH, containing methyl orange? (a) Red; (b) 
orange; (c) yellow. 

596. The dissociation constants of hydrazoic acid HN 8 
and ammonium hydroxide NH 4 OH are approximately the 
same. What will be the relationship between the values of 
the pH in solutions of NaN s (pH,) and NH 4 N0 3 (pH a ) 
having the same molar concentration? (a) pH, > pH 2 ; (b) 
pH, « pH g ; (c) pH, < pH 2 . 

Because (1) both salts become hydrolyzed to an equal 
degree; (2) the cation becomes hydrolyzed in one salt, and 
the anion in the other. 

597. Which of the following reagents will intensify the hy¬ 
drolysis of FeCl 3 when added to its solution? (a) HC1; (b) 
NaOH; (c) ZnCl 2 ; (d) Na 2 CO s ; (e) NH 4 CI; (f) Zn; (g) H a O. 



8 

OXIDATION-REDUCTION 
REACTIONS. FUNDAMENTALS 
OF ELECTROCHEMISTRY 


1. Oxidation Number. Oxidation 
and Reduction 

The oxidation number (or oxidation state) of an element 
in a compound is determined as the number of electrons that 
have passed from one atom of a given element to other atoms 
(positive oxidation), or to one atom of a given element from 
other atoms (negative oxidation). 

The following rules should be adhered to in determining 
the oxidation number of an element in a compound: (1) the 
oxidation number of an element in an elementary substance 
is taken equal to zero; (2) the algebraic sum of the oxidation 
numbers of all the atoms in a molecule is zero; (3) elements 
having a constant oxidation number in compounds are the 
alkali metals (+1), the metals of the main subgroup of 
Group II, zinc, and cadmium (+2); (4) hydrogen exhibits 
an oxidation number of +1 in all its compounds except 
metal hydrides (NaH, CaH 2 , etc.), where its oxidation num¬ 
ber is —1; (5) the oxidation number of oxygen in its com¬ 
pounds is —2 except peroxides (—1) and oxygen fluoride 
OF 2 (+2). 

Proceeding from the above, it is a simple matter, for 
example, to establish that in the compounds NH 3 , N 2 H 4 , 
NH 2 OH, N a O, NO, HN0 2i N0 2 , and HN0 3 , the oxidation 
number of nitrogen is —3, —2, —1, +1, +2, -J-3, +4, and 
+ 5, respectively. 

In oxidation-reduction (redox) reactions, the oxidation 
number of one or more elements in the reacting substances 
changes. The losing of electrons by an atom attended by 
an increase in its oxidation number is called oxidation; 
the gaining of electrons by an atom attended by a decrease 
in its oxidation number is called reduction. 
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A substance containing an element that undergoes oxi¬ 
dation is called a reducing agent. A substance containing 
an element that undergoes reduction is called an oxidizing 
agent. For. instance, in the reaction 

4A1 + 30„ = 2AljO s 

aluminium raises its oxidation number from 0 to +3 and is 
a reducing agent. As a result of the reaction, the reduced form 
of aluminium (free aluminium) is oxidized and transforms 
into its conjugate oxidized form (aluminium in the +3 
oxidation state). The oxygen in this reaction lowers its 
oxidation number from 0 to —2 and is an oxidizing agent; 
as a result of the reaction the oxidized form of oxygen (free 
oxygen) is reduced and transforms into its conjugate reduced 
form (oxygen in the —2 oxidation state). Both processes— 
oxidation and reduction—proceed simultaneously. The to¬ 
tal number of electrons lost by the reducing agent equals 
the total number of electrons gained by the oxidizing agent. 

In the above reaction, two substances react; one of them 
is an oxidizing agent (oxygen), and the other, a reducing 
agent (aluminium). Such reactions relate to intermolecular 
oxidation-reduction ones. The reaction 

4H 8 P0 8 = 3H 8 P0 4 + PH S 

is an example of autoxidation-autoreduction (disproportion¬ 
ation) reactions in which compounds are simultaneously 
formed that contain a given element in a more oxidized and 
a more reduced state than the initial one. The initial sub¬ 
stance displays functions of both an oxidizing and a reduc¬ 
ing agent. In the last reaction, phosphorous acid H 8 P0 8 
(the oxidation number of phosphorus is -f 3) simultaneously 
plays the role of an oxidizing agent, the phosphorus being 
reduced to the —3 oxidation state (PH 8 ), and of a reducing 
agent, the phosphorus being oxidized to the +5 oxidation 
state (H 3 P0 4 ). Such reactions are possible if the relevant 
element is in an intermediate oxidation state in the initial 
compound. For instance, in the example considered, the 
oxidation number of the phosphorus in the initial compound 
(+3) is intermediate between the possible maximum (+5) 
Uttd tainimum (—3) oxidation numbers of this elepaeflt, 
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In the reaction 

(NH 4 ) a Cr*0 7 = N a + Cr,O a + 4H,0 

the chromium, whose oxidation number decreases from 
-f-6 to +3, is reduced, and the nitrogen, whose oxidation 
number rises from —3 to 0, is oxidized. Both these elements 
are in the same initial substance. Beactions of this bind 
are known as intramolecular oxidation-reduction reactions. 
They include, for example, many reactions of thermal de¬ 
composition of complex substances. 

PROBLEMS 

598.. Determine the oxidation number of sulphur in the 
following compounds: SO a , H a S, Na 2 S0 3 , CS a , H a S0 4 , As 2 S 3 . 

599. Determine the oxidation number of chromium in 
the following compounds: K a Cr0 4 , Cr a O s , Fe(CrO a ) a , 
K a Cr a 0 7 , Cr a (S0 4 ) 3 , Na s [Cr(OH) e I. 

600. Indicate which of the following processes are oxida¬ 
tion and which are reduction: S -* SOJ - ; S S 2 ~; Sn -*■ Sn 4+ ; 
K ->-K + ; Br a ->2Br-; 2H + ->H a ; H a -»2H-; V* + -^VO;; 
Cl- CIO;; 10; I a ; MnO; MnO|~. 

601. Indicate in which of the following processes the 
nitrogen is oxidized and in which of them it is reduced, and 
how the oxidation number of the nitrogen changes in each 
case: NH+-*N a ; NO; ->NO; NO;-^NO;; NO a -*NO-. 

602. Which of the following reactions are oxidation- 
reduction ones? 

(a) H a + Br„ = 2HBr 

(b) NH 4 C1 = NH S + HCl 

(c) NH 4 N0 s = N a O + 2H a O 

(d) 2K s Cr0 4 -f H s S0 4 = K,Cr a 0 7 + K 9 S0 4 + H a O 

(e) H 8 BO s + 4HF = HBF 4 -f 3H a O 

(f) Fe + S = FeS 

603. Indicate for the following reactions which substances 
and which elements in them are oxidizing agents and 
which are reducing agents: 

(a) SO„ + Br a + 2H a O = 2HBr + H 2 S0 4 

(b) Mg + H*S0 4 = MgS0 4 + H a 

(c) Cu + 2H„S0 4 = CuS0 4 + SO a + 2H a O 

(d) 31 j -f 6KOB = KIO s + 5KI -f 3H,Q 
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604. Which of the following reactions are intermolecnlar 
oxidation-reduction ones, intramolecular oxidation-reduc¬ 
tion ones, and disproportionation ones? 

(a) 4KMn0 4 + 4KOH = 4K 2 Mn0 4 + 0* -f- 2H„0 

(b) H a SO s + 2H 2 S = 3S + 3H 8 0 

(c) NH 4 N0 2 = N 2 + 2H a O 

(d) 4P + 3KOH + 3H a O = PH 3 + 3KH»PO a 

(e) 2II a O, = 2H 2 0 + O s 

(f) 2KMn0 4 -|-3MnS0 4 +2H 2 0=5Mn0 a +K s S0 4 +2H,S0 4 

REVIEW QUESTIONS 

605. Indicate which of the reactions listed below are oxi¬ 
dation-reduction ones: 

(a) Cr 2 {S0 4 ) 3 + 6RbOH = 2Cr(OH) 3 + 3Rb 2 S0 4 

(b) 2Rb + 2H s O = 2RbOH + H„ 

(c) 2CuI a = 2CuI + I 2 

(d) NH 4 C1 -f NaOH = NaCl + NH 3 + H,0 

(e) 2K 4 IFe(CN) 6 ] + Br 2 - 2K 3 [Fe(CN) 6 ] + 2KBr 

606. Indicate the disproportionation reactions among the 
following transformations: 

(a) S + KOH -v K 2 S0 3 + KgS + H s O 

(b) Au 3 0 3 Au + O a 

(c) HCl -f CrO s CrCl 3 + Cl 2 + H e O 

(d) HC10 3 -v C10 2 + HC10 4 
<o) N 2 H 4 N a + NH S 

(f) AgN0 3 -v Ag + NO a -f- O a 

607. Up to what products can water be oxidized? (a) to 
Oo and H + ; (b) to OH - and H a ; (c) to 20H~. 

o08. I n which of the following transformations does oxy¬ 
gen perform the functions of a reducing agent? 

(a) Ag 2 0 -> Ag + O a 

(b) F a + H a O HF + 0 2 

(c) NH a + 0 2 -v N 2 + H 2 0 

(d) AgNO* + KOH + H a O a — Ag + KNO, + O a 
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2. Oxidizing and Reducing Agents 

Elements in their maximum oxidation state can only 
be reduced because all their atoms can do is gain electrons. 
Examples are sulphur in the +6 oxidation state (H a S0 4 ), 
nitrogen in the +5 state (HNO a and nitrates), manganese 
in the +7 state (permanganates), chromium in the +6 state 
(chromates and dichromates), and lead in the +4 state 
(PbOj). 

Conversely, elements in the minimum oxidation state 
can only be oxidized because all their atoms can do is lose 
electrons. Examples are sulphur in the —2 oxidation state 
(H 2 S and sulphides), nitrogen in the —3 state (NH S and its 
derivatives), and iodine in the —1 state (HI and iodides). 

Substances containing elements in intermediate oxidation 
states have oxidation-reduction duality. They are capable 
of either gaining electrons or losing them depending on the 
partner they are reacting with and the conditions of conduct¬ 
ing the reaction. 

Some of the most important oxidizing and reducing 
agents are characterized below. 

Oxidizing Agents 

1. Oxidizing properties are characteristic of typical non- 
metals (F a , Cl a , Br a , I a , O a ) in the elementary (free) state. 
Halogens playing the part of oxidizing agents acquire the 
—1 oxidation state, the oxidizing properties weakening 
from fluorine to iodine: 

2F a + 2H a O = 4HF + 0* 

4C1 S -f H 2 S -f- 4H S 0 - 8HC1.+ H a S0 4 

I 3 + H a S = 2HI + S 

Oxygen when reduced transforms into the —2 oxidation 
state (H a 0 or 0H~): 

4NH 3 + 50* = 4N0 + 6H a 0. 

4FeS0 4 + O a -f 2H a 0 = 4(Fe0H)S0 4 

2. Among the oxyacids and their salts, the most important 
oxidizing agents include KMn0 4 , K a Cr0 4 , K a Cr 2 0 7 , con¬ 
centrated sulphuric acid, nitric acid and nitrates, the 
oxyacids of the halogens and their salts, 
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Potassium permanganate, displaying oxidizing properties 
at the expense of Mn(VII), is reduced to various products 
depending on the acidity of the solution: in an acid solu¬ 
tion—to Mn 2+ (the oxidation number of the manganese 
is +2), in a neutral and weakly basic solution—to Mn0 2 
(oxidation number +4), and in a strongly basic solution 
—to the manganate ion Mn0 2 “ (oxidation number +6): 
5K 2 S0 s -f2KMn0 4 +3H 2 S0 4 =6K 2 S0 4 +2MnS0 4 +3H s 0 
3K,SO s + 2KMn0 4 + H a O = 3K 3 S0 4 + 2MnO* + 2K0H 
K 2 SOg + 2KMn0 4 + 2KOH = K 2 S0 4 + 2K,Mn0 4 +H 3 0 

Potassium chromate and dichromate (K 2 Cr0 4 and K 2 Cr 2 0 7 ) 
are oxidizing agents in an acid solution, being reduced to 
the Cr 3 * ion. Since in an acid solution the equilibrium 

2CrOi~ + 2H + ** Cr 2 0?“ + H,0 

shifts to the right, the CrgOf" ion is the oxidizing agent: 
K 2 Cr 2 0 J +3H 2 S+4H»S0 4 =Cr 2 (S0 4 ) 8 +3S+K s S0 4 +7H s O 

Concentrated sulphuric acid exhibits oxidizing properties 
at the expense of the sulphur in the +6 oxidation state, 
which can be reduced to the +4 state (S0 2 ), 0 (free sulphur), 
or —2 (H a S). The composition of the reduction products 
is determined mainly by the activity of the reducing agent, 
and also by the proportion of the reducing agent and sul¬ 
phuric acid, the acid concentration, and the temperature 
of the system. Reduction proceeds further when the reducing 
agent is more active and the concentration of the acid is 
higher. For instance, metals with a low activity (Cu, Sb, 
etc.), hydrogen bromide, and some non-metals reduce con¬ 
centrated sulphuric acid to S0 2 : 

Cu + 2H a S0 4 = CuS0 4 + SO* + 2H a O 
2HBr + H 2 S0 4 = Br, + S0 3 + 2H,0 
C(coal) + 2 H b S0 4 = C0 2 + 2SO a + 2H a O 

Active metals (Mg, Zn, etc.) reduce concentrated sulphur¬ 
ic acid to free sulphur or hydrogen sulphide*: 

3Mg + 4H 3 S0 4 = 3MgS0 4 + S + 4H,0 
4Zn + 5H 2 S0 4 = 4ZnS0 4 + H„S + 4H,0 

* The reduction of sulphuric acid is sometimes attended by the 
formation of H a S, S and S0 2 in various proportions, 
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Nitric acid exhibits oxidizing properties'at the expense 
of its nitrogen in the -j-5 oxidation state, the oxidizing 
power of HNO s increasing with its concentration. Concen¬ 
trated nitric acid oxidizes most elements to their maximum 
oxidation number. The composition of the products of 
HN0 3 reduction depends on the activity of the reducing 
agent and the concentration of the acid; reduction of the 
nitrogen proceeds further when the reducing agent is more 
active and the dilution of the acid is greater: 

concentration of acid 

-<- 

no 2 no n„o n 8 nhj 

- > 

activity of reducing agent 

Consequently, when concentrated nitric acid reacts with 
non-metals or with metals having a low activity, nitrogen 
dioxide is formed 

P + 5HNO s = H g P0 4 + 5NO a -f H a O 
Ag + 2HNO s = AgN0 3 + NO a + H a O 

When more dilute nitric acid reacts with metals having 
a low activity, nitrogen monoxide may be liberated: 

3Cu + 8HNO g (35%) = 3Cu(NO a ) a + 2NO + 4H a O 

while when active metals are involved, the products include 
dinitrogen oxide or free nitrogen*: 

4Zn + lOHNOg(dil) = 4Zn(NO s ) a + N a O + 5H a O 
5Zn + 12HNO a (dil) = 5Zn(NO s ) a + N a + 6H a O 

(the symbol “dil” stands for dilute). 

Greatly diluted nitric acid when reacted with active 
metals may be reduced to the ammonium ion, which forms 
ammonium nitrate with the acid: 

4Mg+10HNOg(very dil)=4Mg(N0g) a +NH 4 N0g+3H a 0 

Unlike the S0 4 " ion, the NO, ion exhibits oxidizing prop¬ 
erties not only in an acid, but also in a basic solution. 
In solutions, the NO; ion is reduced by active metals to NH S : 
4Zn+NaNO a + 7NaOH+6H a O = 4Na a IZn(OH) 4 l+NHg 

* A mixture of the products of HNO ? reduction is formed in such 
cases, as a rule. 
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and in melts, to the relevant nitrites: 

Zn + KNO a + 2K.0H = K,ZnO a -f KNO* + H a O 

The oxyacidsof the halogens (for example, HOC1, HClOj,, 
HBr0 3 , HIO s ) and their salts when acting as oxidizing 
agents are usually reduced to a halogen oxidation state of 
—1 (for chlorine and bromine) or 0 (for iodine): 

KCl0 3 -f 6 FeS 0 4 + 3 H 2 S 0 1 =KCl+ 3 Fe 2 (S 04 ) 3 + 3 H I 0 

KBrO + MnCl 2 + 2KOH = KBr + MnO a + 2KCl+H a O 

HIO s + 5HI = 3I a + 3H s O 

3. Hydrogen in the +1 oxidation state is an oxidizing 
agent chiefly in solutions of acids (as a rule, when they 
react with metals preceding hydrogen in the electromotive 
series): 

Mg + H 2 S0 4 (dil) = MgS0 4 + H a 

The hydrogen in water, however, can be an oxidizing 
agent when the water reacts with strong reducing agents: 

2K + 2H a O = 2KOH + H a 

4. Metal ions in their maximum oxidation state (for in¬ 
stance, Fe s+ , Cu 2+ , and Hg z+ ) when performing the func¬ 
tion of oxidizing agents transform into ions with a lower 
oxidation number: 

2FeCl 3 + H a S = 2FeCl a + S + 2HC1 

2HgCl a + SnCl a = Hg a Cl a + SnCl 4 

Reducing Agents 

1. Among elementary substances, typical reducing agents 
include active metals (alkali and alkaline-earth metals, 
zinc, aluminium, iron, etc.), and also some non-metals 
such as hydrogen, carbon (in the form of graphite or coal), 
phosphorus, and silicon. In an acid solution, metals become 
oxidized to positively charged ions, while in a basic solu¬ 
tion the metals that form amphoteric hydroxides (for exam¬ 
ple zinc, aluminium, and tin) enter the composition of 
negatively charged anions or hydroxocomplexes. Carbon 
is most often oxidized to CO or C0 2 , and phosphorus, when 
reacted with strong oxidizing agents, to H ? P0 4 - 
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2. In hydracids (HCI, HBr, HI, II 2 S) and their salts, 
the carriers of the reducing function are the anions which 
upon being oxidized generally form elementary substances. 
In the series of halide ions, the reducing properties increase 
when going from Cl“ to I - . 

3. The hydrides of the alkali and alkaline-earth metals 
containing the H“ ion exhibit reducing properties, readily 
becoming oxidized to free hydrogen: 

CaHjj + 2H a 0 = Ca(OH) a + 2H a 

4. Metals in their minimum oxidation state (the ions 
Sn a+ , Fe s+ , Cu + , Hg a+ , etc.), when they react with oxidizing 
agents, can increase their oxidation number: 

SnCl a + Cl a - SnCl* 

5FeCl a +KMn0 4 +8HCI(dil)=5FeCl g +MnGl a +KCl+4H a 0 


Oxidation-Reduction Duality 

Below are given typical examples of compounds that can 
display both oxidizing and reducing properties. 

1. Iodine in the free state, notwithstanding its more 
strongly expressed oxidizing function, can play the role of 
a reducing agent when reacted with strong oxidizing agents, 
for instance: 

I a + 5CI a + 6H a O = 2HIO s + 10HC1 

In addition, disproportionation reactions are characteristic 
of all the halogens, except fluorine, in an alkaline medium: 

Cl a + 2KOH = KOCl + K.C1 + H„0 (in the told) 

3Cl a + 6KOH = KC10 a -f- 5KC1 + 3H a O (when heated) 

2. Hydrogen peroxide H 2 0 2 contains oxygen in the —1 
oxidation state. In the presence of reducing agents, it can 
lower its oxidation number to —2, while when reacted with 
oxidizing agents it can increase its oxidation number and 
transform into free oxygen: 

5H a O a +I, = 2HIO s -(-4H a O (H a O a —oxidizing agent) 

3H a O a + 2KMn0 4 = 2MnO„ + 2KOH + 30 a + 2H s O 

(H a O,— reducing agent) 
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3. Nitrous acid and nitrites, playing the role of reducing 
agents at the expense of the NO 5 ion, are oxidized to nitric 
acid or its salts: 

5HNO„ + 2KMn0 4 + 3H,S0 4 = 

= 5HNO g + 2MnS0 4 + K a S0 4 + 3H a O 

When acting as an oxidizing agent, the NO" ion is usually 
reduced to NO, and in reactions with strong reducing 
agents—to lower oxidation states of nitrogen: 

2NaN0 a +2NaI+2H # S0 4 =2N0+I a +2Na a S0 4 -(-2H a 0 


PROBLEMS 

609. Proceeding from the electron configuration of the 
atoms, indicate whether the following can be oxidizing 
agents: sodium atoms, sodium cations, oxygen in the —2 
oxidation state, iodine in the 0 oxidation state, fluo¬ 
ride ions, hydrogen cations, nitrite ions, and hydride 
ions. 

610. Which of the following ions can be reducing agents, 
and which cannot and why? Cu 2+ , Sn a+ , Cl - , VOj, S 2 ~, Fe 2+ , 
WOJ - , IO;, Al 8+ , Hg 2+ , and Hg s 2+ . 

611. Which of the substances listed below and at the 
expense of what elements usually exhibit oxidizing 
properties, and which exhibit reducing properties? 
Indicate those of them that possess oxidation-reduction 
duality: H a S, S0 2 , CO, Zn, F 2 , NaN0 2 , KMn0 4 , HOC1, 
and H s SbO s . 

612. Indicate in which of the following skeleton reactions 
hydrogen peroxide is an oxidizing agent and in which it is 
a reducing agent: 

(a) l,+ H a O a -> HIO 3 + H a O 

(b) PbO a + H a O a -*• Pb(OH) a + O a 

(c) KClOj, + H a O a -> KC1 + O a + H a O 

(d) KMn0 4 + HgOjf-*. MnO a + KOH + O a + H a O 

613. Indicate in which of the following reactions hydra¬ 
zine N 2 H 4 is an oxidizing agent and in which it is a reducing 
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agent: 

N,H 4 +4AgN0 s +4K0H=N 2 +4Ag+4KN0 3 +4H S! 0 
N s H 4 + Zn + 2K0H + 211*0 = 2NH, + KjZn(0H) 4 ] 

How does the oxidation number of nitrogen change in each 
case? 


3. Balancing Oxidation-Reduction Equations 

It is good practice to adhere to the following procedure 
in balancing oxidation-reduction equations. 

1. Write a skeleton equation indicating the reactants 
and products, identify the elements whose oxidation num¬ 
bers change in the reaction, and find the oxidizing and re¬ 
ducing agents. 

.2. Write skeleton equations of the oxidation and reduc¬ 
tion half-reactions indicating the reactant and product 
ions or molecules actually existing in the conditions of the 
reaction. 

3. Equate the number of atoms of each element in the 
left-hand and right-hand sides of the half-reaction equa¬ 
tions. Remember that in aqueous solutions, H 2 0 molecules 
and H + or OH - ions may participate in the reactions. 

4. Equate the total number of charges in both sides of 
each half-reaction; to do this, add the required number of 
electrons to the left-hand or right-hand side of a half-reac¬ 
tion. 

5. Choose the factors (basic coefficients) for the half¬ 
reactions so that the number of electrons lost in oxidation 
will equal their number gained in reduction. 

6. Add the two half-reaction equations together with 
a view to the basic coefficients found. 

7. Put the coefficients in the equation of the reaction. All 
electrons should cancel. It must be borne in mind that in 
aqueous solutions, combining of the excess oxygen and 
attachment of oxygen by the reducing agent occur different¬ 
ly in acidic, neutral, and basic solutions. In acidic solu¬ 
tions, the excess oxygen combines with hydrogen ions to 
form water molecules, while in neutral and basic solutions 
it combines with water molecules to form hydroxide ions, 
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for instance: 

MnO; + 8H + +5e~—Mn s+ +4H a O (acidic solution) 

N 05 , + 6H a 0 + 8e _ =NH 3 H-90H~ (neutral or basic solution) 

Oxygen is attached by the reducing agent in acidic and 
neutral solutions at the expense of water molecules with 
the formation of hydrogen ions, and in basic solutions at 
the expense of hydroxide ions with the formation of water 
molecules, for example: 

1 2 f 6H a O=2IO a -|-12H + -j- 10e~ (acidic or neutral solution) 

Cr05+40H~=Cr0J" + 2H a 0-f-3e- (basic solution) 

Example 1. Balance the reaction equation of oxidation of hydrogen 
sulphide with chlorine water proceeding according to the skeleton 
equation 

H s S + Cl 8 + H a O -+■ H a S0 4 + HC1 

Solution. In the course of the reaction, the oxidation number of 
chlorine lowers from 0 to —1 (the chlorine is reduced), and that of the 
sulphur increases from —2 to +6 (the sulphur is oxidized). 

The half-reaction equation of chlorine reduction is: 

Cl a + 2e- = 2C1- 

In balancing the half-reaction equation of sulphur oxidation, we 
proceed from the process H a S SOJ“. In the course of this process, 
the sulphur atom combines with four oxygen atoms from four water 
molecules. Eight H + ions are formed, and two more H + ions are released 
from the H.S molecule. Consequently, a total of ten hydrogen ions 
are produced: 

H a S + 4H a O -> SO|- -f 10H+ 

The left-hand side of the skeleton equation contains only uncharged 
particles, while the total charge of the ions in the right-hand side is +8. 
Hence, oxidation results in the release of eight electrons: 

H s S + 4H a O = SO|~ + 10H+ + 8e~ 

Since the ratio of the number of electrons gained in the reduction 
of the chlorine and that lost in the oxidation of the sulphur is 1 : 4, 
when adding the reduction and oxidation half-reaction equations we 
have to multiply the first of them by 4 and the second by 1: 

Cl a -f2e-=2Cl- 4 

H 8 S+4H 8 0=SQ3-+ 10H++8e- _i 

4GI 2 +H a S+4H a O=8Cl-+SOI"+10H + 

The molecular form of the equation obtained is: 

4Cl a + H a S + 4H a O = 8HC1 -f H a SO* 
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Sometimes, a reducing agent includes two oxidizing ele¬ 
ments. This case is dealt with in the following example. 

Example 2. Oxidation of arsenic(III) sulphide by concentrated 
nitric acid follows the skeleton equation 

As a S a + HNOg H a As0 4 -f H a S0 4 + NO 

Balance the equation. 

Solution. In the course of the reaction, both the arsenic and the 
sulphur aTe oxidized: the oxidation number of the arsenic increases 
from 4-3 to -f-5 and that of the sulphur from —2 to 4-6. One As a S a 
molecule transforms into two AsOJ - and three SO|~ ions: 

As a S a -+■ 2AsOJ- 4- 3S0J- 

The oxygen needed for this process to occur in an acidic solution 
is supplied by water molecules. Eight water molecules form two AsO|“ 
ions, and twelve more form three SOJ- ions. Altogether, consequently, 
twenty water molecules will take part in the oxidation half-reaction 
with the release of forty hydrogen ions: 

As a S a 4- 20H a O -► 2AsOf- 4- 3SOJ- 4- 40H+ 

There are no charged particles in the left-hand side of the skeleton 
equation, while the total charge of the particles in the right-hand side 
is 4-28; hence, 28 electrons are given up when one molecule of AsjSj 
is oxidized. We finally get the equation of the oxidation half-reaction 
in the following form: 

As a S a 4- 20H a O = 2AsOj»- -f 3SOJ- 4- 40H + + 28e“ 

In balancing the half-reaction equation of nitrogen reduction, we 
proceed from the process NOj NO. In the course of this process, 
two oxygen atoms are liberated which in an acidic solution combine 
with four hydrogen ions to form two water molecules: 

NO a 4- 4H + -► NO 4- 2H a O 

The total charge of the ions in the left-hand side of the skeleton 
equation is 4-3, while the right-hand side contains no charged particles. 
Consequently, three electrons participate in the reduction process: 

NOi 4- 4H + 4- 3e~ = NO 4- 2H a O 

The ratio of the number of electrons participating in oxidation to 
that in reduction is 28 : 3. Consequently, in adding the half-reaction 
equations, we multiply the first of them by 3 and the second by 28: 

As 2 S a 4-20H a O=2AsOJ-4-3SOJ-4-40H + 4-28e- 3 

NO a 4-4H + 4-3e~—N04~2H a 0 _ 28 

3As a S a 4- 28N O a 4- 112H+4- 60H 2 O=6AsOJ"4- 9S0|"4- 

4- 28NO 4- 120H + 4-56H a O 


12-1022 
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After combining like terms iii both sides of the equation, we get; 

3As*S, + 28N0j + 4H 2 0 = 6AsO|- + 9SOJ~+28NO-f-8H + 
or in the molecular form: 

3As,S s +28HNOg+4H a O = 6H s As0 4 +9H 2 S0 4 4-28N0 

When an oxidation-reduction reaction proceeds outside 
an aqueous solution, it is recommended not to balance half¬ 
reaction equations, hut only to calculate the number of 
electrons participating in oxidation and reduction. 

Example 3. Balance the equation of the reaction of iron(IIl) 
oxide reduction by coal. The reaction follows the skeleton equation: 

FegOs + C Fe + CO 

Solution. The iron reduces, lowering its oxidation number from -f-3 
to 0; the carbon oxidizes, and its oxidation number grows from 0 
to +2. We compile skeleton equations of these processes, indicating 
the oxidation states of the elements by Roman numerals (in contrast 
to the charges of the ions): 

Fe +1II -)-3e“=Fe 0 2 

C® = C +II + 2e- 3 

The ratio of the number of electrons participating in reduction 
to that in oxidation is 3 : 2. Consequently, each two iron atoms in 
the reaction are reduced by three carbon atoms. We finally get: 

Fe t O, -f 3C = 2Fe + 3CO 

PROBLEMS 

614. Draw up the equations of the oxidation and reduc¬ 
tion half reactions for the following reactions and determine 
in which cases hydrogen is an oxidizing agent and in which 
cases it is a reducing agent: 

(a) 2A1 + 6HC1 = 2A1C1 S + 3H, 

(b) 2H, + Oj = 2H a O 

(c) 2Na + 2H s O = 2NaOH + H a 

(d) BaH* + 2H,0 = Ba(OH) s + 2H, 

615. Balance the equations of the oxidation or reduction 
half reactions with account taken of the acidity of the so¬ 
lution: 
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(a) acidic 
solution 

NOg NOj 
MnOJ -► Mn s+ 
Cr 8 * Cr a Of~ 


(b) neutral 
solution 

NO*-> NO, 
MnO^ -*■ MnOg 
soi~-+soi- 


(c) basic 
solution 

CrOg CrO| - 

ai->aio; 

NO^-*NHg 


616. Complete the equations of the reactions: 

(a) Mn(OH), + Cl, + KOH = MnO a + 

(b) MnO» + O a + KOH = K*Mn0 4 + 

(c) FeSOg + Br g + HgS0 4 = 

(d) NaAsOg + Ig + NaOH = NaAsO* + 

617. Complete the equations of the following reactions 
in which concentrated nitric acid is the oxidizing agent: 

(a) G + HNO, -> COg + 

(b) Sb + HNO, HSbOg + 

(c) Bi + HNO, -* Bi(NO*)g + 

(d) PbS + HNOg PbS0 4 + NO a + 


618. Complete the equations of the following reactions 
in which concentrated sulphuric acid is the oxidizing agent: 

(a) HBr + H a S0 4 -+• Br a + 

(b) S + H a S0 4 ->- SO, + 

(c) Mg+H s S0 4 ^MgS0 4 + 

619. Complete the equations of the reactions: 

(a) KI + Fe a (S0 4 ) s -► I* + 

(b) KI + CuClg -► CuCl + 

(c) SnClg + HgClg -> HggClg + 

620. Complete the equations of the following reactions 
in which the oxidizing (or reducing) agent is additionally 
used to bind the products: 

(a) HBr + KMn0 4 -► MnBr a + 

(b) HC1 + CrO, Clg + 

(c) NHg(excess) + Br a -*- N a + 

(d) CugO + HNO a ->■ NO + 


12 * 



180 


Problems and Exercises In General Chemistry 


621. Complete the equations of the following reactions 
and write them in the net ionic form: 

(a) K 2 S + KjMnO, + H s O -*■ S + 

(b) NO a + KMn0 4 + H,0 -*• KNO* + 

(c) KI + KjCrjO, + H 2 S0 4 I, + 

(d) Ni(OH), + NaCIO + H.O-+ Ni(OH) g + 

(e) Zn + HgAsO, + H 2 S0 4 AsH, + 

622. Complete the equations of the following reactions 
and indicate the part played in each case by the hydrogen 
peroxide: 

(a) PbS + H 2 0 2 -*• 

(b) HClO + H,O a HC1 + 

(c) KI + H s Og 

(d) KMn0 4 + H s O, ->■ MnO* + 

(e) I s + H 8 O s -v HIO,+ 

(f) PbO,+H a O,-^ 0* + 

023. Complete the equations of the following reactions. 
Pay attention to the oxidation-reduction duality of the 
elements in an intermediate oxidation state: 

(a) KI + KNO, + CHjCOOH NO + 

KMn0 4 + KNOj + H,S0 4 KNO a + 

(b) H,S0 3 + Cl* + H,0 -v H*S0 4 + 

H a S0 3 + H s S -► S + 

(c) Na 2 S 2 O s + Ij ->- Na 2 S 4 0 4 + 

Cl, + I„ + H a O ->■ HlOg + 

024. Complete the equations of the following autoxida- 
tion-autoreduction (disproportionation) reactions: 

(a) I, + Ba(OH) s Ba(IO„), + 

(b) KjSOj -► K s S + 

(c) HClOj -v C10 a + 

(d) PjOj + HjO ->■ PH, + 

(e) P + KOH + H*0 -> KHjPO* + PH 3 

(f) Te + KOH -»■ K t TeO a 4- 
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625. Complete the equations of the following intramolec¬ 
ular oxidation-reduction reactions. Indicate in each case 
what atom or ion is oxidized and what atom or ion is re¬ 
duced: 

(a) Cul, -► Cul + I a 

(b) Pb(NO s ) a -»• PbO + NO* + 

(c) KCIOj -► KC1 + 

(d) NH 4 NO a -> N„ + 

(e) KMn0 4 -> K.Mn0 4 + MnO a + 

626. Complete the equations of the following reactions, 
taking into account that the reducing agent contains two 
oxidizing elements: 

(a) Cu»S + HNO„(conc) H a S0 4 + 

(b) FeS a -f O a — 

(c) FeO.Cr.O. + K a CO, + O a -> K.CrO« + Fe s O s + 

(d) FeS0 3 + KMn0 4 + H a S0 4 Fe a (S0 4 ) a + 

627. Complete the equations of the following reactions 
and write them in the molecular form: 

(a) C a O|- + I a CO a + 

(b) BiOf + Cr* + -f H+ Bi 8 + + Cr a O»- + 

(c) SeOJ- + I- + H a O -> Se + 

(d) IOj + SO. + H a O -► 

628. Complete the equations of the following reactions 
and write them in the molecular form: 

(a) MnOf + I- + H a O 

(b) HPO|- + Hg** + H a O Hg + 

(c) P + IOj + OH--> 

(d) PC1 S +CIO, + H a O 

(e) AsO?~ + I* + H.O AsO|- +- 

(f) Bi s+ + Br a + OH- BiO, + 

(g) Sb*+ + Zn + H+ -> SbH a -f 
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629. Complete the equations of the following reactions 
and write them in the net ionic form: 

(a) PeS0 4 + O a + H a O 

(b) P + KMn0 4 + H,0 KH 2 P0 4 + K 2 HP0 4 + 

(c) Mn(NO a ) a + NaBiO, + HNO a HMn0 4 + 

(d) FeS a + HNO a (conc) -> H a S0 4 + 

(e) (NH 4 ) 2 Cr a 0 7 N a + 

630. Complete the equations of the following reactions 
and write them in the net ionic form: 

(a) BiCl s + SnCl a + KOH Bi + 

(b) NaC10 a + H,S H a S0 4 + 

(c) KCrO a + Br a + KOH -*■ 

(d) MnS0 4 + (NH 4 ) a S 2 0 8 + H a S0 4 ->• HMn0 4 + 

4. Chemical Sources of Electrical Energy. 

Electrode Potentials 

If an oxidation-reduction reaction is conducted so that the 
oxidation and reduction processes are separated in space 
and the possibility is provided for the electrons to pass 
from the reducing to the oxidizing agent via a conductor 
(an external circuit), a directed flow of electrons—an elec¬ 
tric current—will appear in the external circuit. The 
energy of a chemical oxidation-reduction reaction is con¬ 
verted into electrical energy. Devices in which such a con¬ 
version occurs are called chemical sources of electrical energy 
or galvanic cells. 

A galvanic cell consists of two electrodes—metals im¬ 
mersed in solution of electrolytes; the latter communicate 
with each other, usually via a porous partition. The elec¬ 
trode at which oxidation occurs is called the anode; the one 
at which reduction occurs is called the cathode. 

When a galvanic cell is represented schematically, the 
interface between a metal and a solution is designated by 
a vertical line, and the interface between solutions of elec¬ 
trolytes by a double vertical line. For example, a galvanic 
cell whose operation is based on the reaction 

Zn + 2AgNO a = Zn(NO a ) a + 2Ag 



Oxidation-Reduction Reactions. Electrochemistry 


183 


is represented as follows: 

Zn 1 Zn(NO a ) 3 || AgNO, | Ag 

This cell can also be written in the net ionic form: 

Zn | Zn ,+ || Ag + | Ag 

In the given case, the metal electrodes participate directly 
in the reaction. At the anode, the zinc is oxidized: 

Zn = Zn a + + 2e~ 

and passes into solution as ions; at the cathode, the silver 
is reduced: 

Ag+ + e- — Ag 

and is deposited on the electrode as the metal. By adding 
the equations of the electrode processes (with account taken 
of the number of gained and lost electrons), we get the net 
equation of the reaction: 

Zn + 2Ag+ = Zn 2+ + 2Ag 

Sometimes, the metal of an electrode does not change in 
an electrode process, but participates only in transferring 
electrons from the reduced form of a substance to its oxidized 
form. For example, in t-he galvanic cell 
Pt 1 Fe a+ , Fe s+ || MnO;, Mn a +, H+ ! pt 

the role of the inert electrodes is played by the platinum. 
Iron(II) is oxidized at the platinum anode: 

Fe* + = Fe® + + e~ 

and manganese(VII) is reduced at the platinum cathode: 
MnOf + 8H+ + 5e~ = Mn s+ + 4H,0 

By multiplying the first of these equations by five and 
adding it to the second one, we get the net equation of the 
reaction: 

5Fe a+ -f MnOj + 8H + = 5Fe 8+ -f Mn a+ + 4H a O 

The maximum voltage of a galvanic cell corresponding 
to the reversible proceeding of a reaction in it is called the 
electromotive force (e.m.f.) E of the cell. If a reaction occurs 
in standard conditions, i.e. if all the substances participat¬ 
ing in it are in their standard states, the observed e.m.f. 
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is called the standard electromotive force E° of the given 
cell. 

The e.m.f. of a galvanic cell can be represented as the 
difference between two electrode potentiate <p, each of Which 
corresponds to a half-reaction occurring at one of the elec¬ 
trodes. For instance, for the silver-zinc cell considered above, 
the e.m.f. is equal to the difference 

£=<PA2-<Pzn 


where q>Ag and <p Zn are the potentials corresponding to the 
electrode processes occurring at the silver and the zinc elec¬ 
trode, respectively. 

In calculating the e.m.f., the lower (from the algebraic 
viewpoint) electrode potential is subtracted from the higher 
one. 

The dependence of an electrode potential on the concen¬ 
trations of the substances participating in the electrode pro¬ 
cesses and on temperature is expressed by the Nernst equation: 


. , 2.3 RT, 
<P=«P +-7p- lo g 


10*1 

[Redl 


where <p“ is the standard electrode potential; R is the molar 
gas constant; T is the absolute temperature; F is Faraday’s 
constant (96 500 C/mol); z is the number of electrons partic¬ 
ipating in the electrode process; [Ox] and [Red] are the 
products of the concentrations (activities) of the substances 
taking part in the relevant half-reaction in the oxidized (Ox) 
and reduced (Red) forms. 

For example, for the electrode process Fe i+ 4- e~ = Fe t+ , 
We have z — 1, [Ox] = [Fe* + I, and tRed] = [Fe* + ]. 

For the half-reaction MnOj -f 8H + 4- 5c - = Mn s+ -f- 
4- 4H,0. we have z = 5, TOx] = [MnO^l [H + ] 8 , [Red], = 
= [Mn 1+ ]*. 

When a process is conducted in standard conditions, the 
concentration (activity) of each substance participating in 
the reaction equals unity so that the logarithmic term in the 
Nernst eouation vanishes and, consequently, cp = (p°. 

Thus, the standard electrode potential is defined as the po¬ 
tential of o’ given electrode at concentrations (activities) of all 

• For dilute solutions, the concentration of the Water fH»0] may 
be considered constant and included in <p°. 
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the substances participating in the electrode process equal to 
unity. 

As applied to the examples of electrode processes consid¬ 
ered above, the Nemst equation, after the values of R, 
F and T are introduced into it, acquires the following form 
for 25 °C (298 K): 


Electrode 
ZnIZn” 


Electrode 

process* 

Zn”+2*-**Zn 


Nernst equation 

„ . 0.059 , ... 

<P=<P H-- log [Zn”J 


Ag | Ag* Ag++e-^fcAg 

Pt | Fe”, Fe a+ Fe”+ e~ Fe” 


Pt | MnO;, MnOi+8H + + 

Mn”, H + +5<r*«=Mii”+ 

+4H s O 


9 —<P°+0.059 log [Ag+J 
? = <P° + 0.059 log 


o , 0.059 . 

9 = <P°+—g" log 


[MnOil [H + ].» 
[Mn* + ] 


• It Is customary practice to write the equations of electrode processes 
In the direction of reduction (except when an oxidation process is being 
considered specially). 

In the last of the examples considered, as in other cases 
when water participates in an electrode process, the elec¬ 
trode potential depends on the concentration of the H + 
(or OH") ions, i.e. on the pH of the solution. 

The standard hydrogen electrode at which the process 

2H+ + 2«- ** H, 

occurs at an activity (concentration) of the hydrogen ions 
equal to unity (pH = 0), and a partial pressure of the gas¬ 
eous hydrogen equal to standard atmospheric pressure con¬ 
ditionally taken as unity, is adopted as the reference elec¬ 
trode whose standard potential is assumed to be zero. 

If, while keeping the partial pressure of the H s constant, 
we change the concentration (activity) of the H + ions in 
the solution, the potential of the hydrogen electrode will 
change and will no longer be zero; at 25 °C its value, as 
follows from the Nernst equation, is determined by the 
expression 

<p = —0.059pa(H + ) 
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or, without account taken of the activity coefficient: 

<p - —0.059pH 

Particularly, in neutral solutions (pH — 7), <p = 
= - 0.059 x.7 « -0.41 V. 

Table 9 of the Appendix gives the values of the standard 
electrode potentials <p° measured relative to the standard 
hydrogen electrode for a number of electrochemical systems*. 
The lower the algebraic value of <p°, the stronger are the 
reducing properties of the relevant electrochemical system; 
conversely, the higher the value of q>°, the stronger are the 
oxidizing properties of a system. 

Assume that a galvanic cell consists of two electrodes (1 
and 2) whose potentials are <p t and <p 8 , and <p r > <p 2 . This 
signifies that electrode 1 will be the positive and electrode 
2 the negative pole of the cell whose e.m.f. equals the differ¬ 
ence q>) — <p 2 . A reduction half-reaction will proceed at elec¬ 
trode 1 (the cathode), and an oxidation half-reaction at 
electrode 2 (the anode). 

Example 1. A galvanic cell consists of metallic zinc immersed 
in a 0.1 M zinc nitrate solution, and metallic lead immersed in a 
0.02 M lead nitrate solution. Calculate the e.m.f. of the cell, write 
the equations of the electrode processes, and represent the cell sche¬ 
matically. 

Solution. To find the e.m.f. of the cell, we must calculate the 
electrode potentials. For this purpose, in Table 9 of the Appendix, we 
find the values of the standard electrode potentials of the systems 
Zn B+ /Zn (—0.76 V) and Pb*+/Pb (-0.13 V), and then calculate the 
values of q> by the Nemst equation: 

q>zn = -0.76+ ^log0.1 = -0.76 + 0.030(—1)=—0.79 V 
o n'iQ 

q>Pb=—0.13+'-—log0.02=—0.13+0.030(—1.7)=—0.18 V 

We find the e.m.f. of the cell: 

E = <p Pb - q> Zn = -0.18 - (-0.79) = 0.61 V 

Since <p P h > <pz„, reduction will occur at the lead electrode, i.e. 
it will be the cathode: 

Pb a+ -f. 2e- = Pb 


* By an electrochemical system is meant a collection of substances 
participating in the relevant electrode process. 
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The oxidation process 

Zn = Zn ,+ + 2e~ 

will occur at the zinc electrode, i.e. it will be the anode. 

This galvanic cell can be represented schematically as follows: 


-Zn | Zn(NO s ) a (0.1Af) || Pb(N0 3 ) 8 (0.02M) 1 Pb+ 

Example 2. Calculate the potential of a silver electrode in a satu¬ 
rated solution of AgBr (lt ap = 6 X 10 _ls ) containing, in addition, 
0.1 mol/1 of potassium bromide. 

Solution. We write the Nemst equation for the system Ag + /Ag: 

— *P° + 0-059 log [Ag + ] 

The value of <p° for this system is (Table 9 of the Appendix) 0.8 V. 
Since the potassium bromide can be considered as completely dissociat¬ 
ed, we have [Br _ ] — 0.1 mol/1. Hence we find the concentration of 
the silver ions: 


[Ag + ] = 


tfsp(AgBr) 

[Br-] 


6 x ID" 1 * 
0.1 


= 6 X 10~ ls mol/1 


We now introduce the values of <p° and [Ag + ] into the equation 
for the electrode potential: 

q> = 0.80 -j- 0.059 log (6 X 10- 1 *) = 0.80 -f 
-f 0.059 (-12 + 0.78) = 0.80 - 0.66 = 0.14 V 


Example 3. Calculate the activity of the H + ions in a solution 
in which the hydrogen electrode potential is —82 mV. 

Solution. From the equation 

<p = —0.059po(H + ) 


we find 


pa(H+)— 0 _q 59 — 


0.082 

0.059 


= 1.39 


Consequently, 

-log a(H + ) = 1.39; log a(H+) = -1.39 = 2.61 

whence 

a(H + ) = 0.041 mol/1 

A galvanic cell can be formed not only from different 
electrodes, but also from identical ones immersed in solu¬ 
tions of the same electrolyte that differ only in their con¬ 
centration (concentration galvanic cells). As in the cases 
considered above, the e.m.f. of such a cell equals the dif¬ 
ference between the potentials of the electrodes forming it. 
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Example 4. Determine the e.m.f. of the galvanic cell 

Ag | AgNOjfO.OOlM) || AgNOg(O.lAf) 1 Ag 

In what direction will the electrode travel in the external circuit 
when this cell operates? 

Solution. The standard electrode potential of the system Ag + /Ag 
is 0.80 V. Denoting the potential of the left-hand electrode by <p lt 
and of the right-hand one by tp s , we obtain: 

9 X = 0.80+0.059 log 0.001=0.80+0.059 (—3)=0.62 V 

9 , = 0.80 + 0.059 log 0.1 = 0,80 — 0.059 = 0.74 V 

We calculate the e.m.f. of the cell: 

E = 9 , - 9 i = 0.74 - 0.62 = 0.12 V 

Since <pj < 9 ,, the left-hand electrode will be the negative pole 
of the cell, and the electrons will travel in the external circuit from 
the left-hand to the right-hand electrode. 

PROBLEMS * 

631. Represent schematically two galvanic cells in one 
of which copper is the cathode and in the other, the anode. 
Write the equations of the reactions proceeding in the oper¬ 
ation of these cells, and calculate the values of the standard 
e.m.f.’s. 

632. In what direction will the electrons travel in 
the external circuit of the following galvanic cells: 
(a) Mg | Mg 2+ || Pb 2+ | Ph; (b) Pb | Pb 2+ || Cu 2+ | Cu; 
(c) Cu | Cu a+ HAg + | Ag if all the electrolyte solutions are 
monomolar? What metal will dissolve in each of these cases? 

633. A galvanic cell consists of a silver electrode immersed 
in a 1 M AgNO s solution and a standard hydrogen elec¬ 
trode. Write the equations of the electrode processes and 
the net reaction occurring in operation of the cell. What is 
its e.m.f.? 

634. The e.m.f. of a galvanic cell consisting of a standard 
hydrogen electrode and a lead electrode immersed in a 1 M 
solution of a lead salt is 126 mV, When the circuit of the 
cell is closed, the electrons in the external circuit travel 
from the lead to the hydrogen electrode. What is the poten- 


* In solving the problems of this section, use the table of standard 
electrode potentials (Table 9 of the Appendix) when needed. 
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tial of the lead electrode? Write the cell notation. What 
processes occur at its electrodes? 

635. Calculate the electrode potentials of magnesium in 
a solution of its salt at Mg 2+ ion concentrations of 0.1, 0.01, 
and 0.001 mol/1. 

636. Calculate the potential of a hydrogen electrode im¬ 
mersed in pure water, in a solution with a pH of 3.5, and 
in a solution with a pH of 10.7. 

637. The potential of a- hydrogen electrode in an aqueous 
solution is —118 mV. Calculate the activity of the H + ions 
in this solution. 

638. Calculate the potential of a lead electrode in a sat¬ 
urated PbBr 8 solution if [Br“] = 1 mol/1 and K iV (PbBr») = 
= 9.1 X 10- 6 . 

639. The e.m.f. of a cell consisting of a copper and a lead 
electrode immersed in 1 M solutions of salts of these metals 
is 0.47 V. Will the e.m.f. change if 0.001 M solutions are 
taken? Substantiate your answer. 

640. Is it possible to form a galvanic cell in whose exter¬ 
nal circuit the electrons would travel from the electrode 
with a more positive standard potential to the electrode 
with a more negative standard potential? Explain your 
answer. 

641. A galvanic cell is composed of a standard zinc elec¬ 
trode and a chromium electrode immersed in a solution 
containing Cr s+ ions. At what concentration of the Cr 8+ 
ions will the e.m.f. of the cell be zero? 

642. What processes occur at the electrodes of the galvan¬ 
ic cell Zn | Zn 2+ (Cj) || Zn 2+ (c 2 ) | Zn if c, < c 2 ? In what 
direction do the electrons travel in the external circuit? 

643. A galvanic cell consists of a standard hydrogen elec¬ 
trode and a hydrogen electrode immersed in a solution with 
a pH of 12. At which electrode will the hydrogen be oxidized 
during operation of the cell and at which one will it be 
reduced? Calculate the e.m.f. of the cell. 

644. The e.m.f. of a galvanic cell composed of two hydro¬ 
gen electrodes is 272 mV. What is the pH of the solution in 
which the anode is immersed if the cathode is in a solution 
with a pH of 3? 

645. We have an oxidation-reduction system [Fe(CN) 6 J 3_ -|- 
-f- e~ (Fe(CN) 6 l 4_ . At what ratio of the concentrations 
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of the oxidized and reduced forms will the potential of the 
system be 0.28 V? 

646. In what cases does the electrode potential depend on 
the pH of the solution? How will the electrode potentials of 
the following electrochemical systems change with a growth 
in the pH: (a) CrO|" + 2H a O + 3<r CrOa + 40H~; 
(b) MnOr+ 8H + + 5e~ Mn 2+ + 4H 2 0; (c) Sn 4+ + 2e~m 
apt Sii 2+ ? Substantiate your answer. 


REVIEW QUESTIONS 

647. What is the potential of a hydrogen electrode at 
pH = 10? (a) -0.59 V; (b) -0.30 V; (c) 0.30 V; (d) 0.59 V. 

648. By how much will the potential of a zinc electrode 
change if the solution of the zinc salt in which it is immersed 
is diluted 10 times? (a) It will grow by 59 mV; (b) it will 
diminish by 59 mV; (c) it will grow by 30 mV; (d) it will 
diminish by 30 mV. 

649. A hydrogen electrode is immersed in a solution 
with pH = 0. By how much will the potential of the elec¬ 
trode change if the solution is neutralized to pH = 7? (a) 
It will grow by 0.41 V; (b) it will grow by 59 mV; (c) it will 
diminish by 0.41 V; (d) it will diminish by 59 mV. 

650. How will the e.m.f. of the galvanic cell Pb | Pb 2+ || 
|| Ag + | Ag change if hydrogen sulphide is added to the 
solution containing the lead ions? (a) It will grow; (b) it 
will diminish; (c) it will remain unchanged. 

651. Which of the proposed ways can be used to increase 
the e.m.f. of the galvanic cell Pt, H 2 | HC1 (c,) [| HC1 (e 2 ) | 

| H a , Pt? (a) Diminish the concentration of the HCl at the 
cathode; (b) diminish the concentration of the HC1 at the 
anode; (c) increase the concentration of the HCl at the 
cathode; (d) increase the concentration of the HCl at the 
anode. 

652. A galvanic cell is composed of two hydrogen elec¬ 
trodes, one of which is a standard one. In which of the follow¬ 
ing solutions should the other electrode be immersed to ob¬ 
tain the maximum e.m.f.? (a) 0.1 M HCl; (b) 0.1 M 
CH 3 COOH; (c) 0.1 M H 3 P0 4 . 
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5. Direction of Oxidation-Reduction 
Reactions 

In the operation of a galvanic cell, the electrochemical 
system with the higher value of the electrode potential is the 
oxidizing agent., and that with the lower value, the reducing 
agent. 

As in any other spontaneous processes, a reaction in a 
galvanic cell is attended by diminishing of the Gibbs ener¬ 
gy. But this means that upon the direct interaction of the 
reacting substances the reaction will proceed in the same 
direction. Hence, by comparing the electrode potentials of 
the relevant systems, we can determine the direction of an 
oxidation-reduction reaction beforehand. 

Example 1.' In what direction can the reaction 

2NaCl + Fe a (S0 4 ) s = 2FeS0 4 + Cl a + Na a S0 4 
proceed spontaneously? 

Solution. The equation of the reaction in the net ionic form is 
2C1- -f 2Fe a+ = 2Fe* + + Cl, 

We write the standard electrode potentials of the electrochemical 
systems participating in the reaction (Table 9 of the Appendix): 

Cl a + 2e- = 2C1" <p| = i.36 V 
Fe* + -f e~ = Fe 2+ q>5 = 0.77 V 

Since <p? > <p|, the chlorine will be the oxidizing agent, and the 
Fe* + ion, the reducing agent; the reaction will proceed from right 
to left. 

In the last example, the standard electrode potentials 
of the reacting electrochemical systems differed quite ap¬ 
preciably so that the direction of the process was determined 
unambiguously by the values of <p° at any practically achiev¬ 
able concentrations of the reacting substances. When the 
values of <p° being compared are close, however, the direc¬ 
tion of a process may change depending on the concentrations 
of the reaction participants. 

Example 2. In what direction can the reaction 
2Hg + 2Ag + = 2Ag + Hg| + 

proceed spontaneously at the following concentrations of the ions 
participating in the reaction: (a) [Ag + ] = 10 -4 mol/1 and [Hg| + ] = 
= 10** mol/1, and (b) [Ag + ] = 10 _1 mol/l and [Hg| + 1 = 10 -4 mol/1? 
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Solution. We write the values of the standard electrode potentials 
for the reacting electrochemical systems: 

Hg|+ + 2e~ = 2Hg <p; = 0.79 V 

Ag + + e - = Ag <pj = 0.80 V 

We now calculate the values of the electrode potentials for the 
concentrations indicated in the data of the example: 

o osq 

(a) (Pi = cpj+—l°g [Hg| + I = 0.79+ 0.030 log 10~i = 

= 0.79 - 0.03 = 0.76 V 

<Ps = <PS + 0.059 log IAg+1 = 0.80 + 0.059 log 10-* = 

= 0.80 - 0.24 = 0.56 V 

In the given case, <p x > cp a , and the reaction will proceed from 
right to left. 

(b) ^=0.79+0.030 log 10^=0.79-0.12=0.67 V 
<p, = 0.80+0.059 log 10-*=0.80—0.06=0.74 V 

Now qh < q>i, and the reaction will proceed from left to right. 

The standard e.m.f. E° of a galvanic cell is related to 
the standard Gibbs energy A G° of the reaction proceeding 
in the cell by the expression 

zFE° = — A G° 

where z is the number of electrons participating in the reac¬ 
tion, and F is Faraday’s constant. 

On the other hand, A G° is related to the equilibrium con¬ 
stant If of a reaction by the equation (see p. 104): 

A G° = - 2.3 RT log K 

It follows from the last two equations that 

zFE° = 2.3 RT log K 

This equation allows us to calculate the equilibrium con¬ 
stant of an oxidation-reduction reaction according to the 
experimentally determined value of the standard e.m.f. 

For 25 °C (298 K), the last equation after introducing 
the values of R [8.31 J/(mol-K)] and F (96 500 C/mol) 
into it acquires the form 

log * = in§9 
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Example 3. Find the equilibrium constant at 25 °C for the reaction 
Hg a (N0 3 ) a + 2 Fe(N 0 3 ) 2 = 2Hg + 2Fe(NO s ) s 
Solution. The net ionic equation of the reaction is 
Hg| + + 2Fe 2+ = 2Hg -f 2Fe 8+ 

Two electrochemical systems participate in the reaction: 
Hgl + +2e- = 2Hg = 0.79 V 
Fe 3 + -f-e - = Fe 2+ cpS = 0.77 V 

We find the value of the standard e.m.f. for the cell being consider¬ 
ed: 

E° = <pj - = 0.79 — 0.77 = 0.02 V 

We now calculate the equilibrium constant of the reaction: 


log K 


zE° 2x0.02 
0.059~ 0.059 


0.678; 


A —4.76 


PROBLEMS * 

653. Indicate the direction in which the following reac¬ 
tions can proceed spontaneously: 

(a) H a O, -f HClO = HC1 -f O a + H a O 

(b) 2HIO a + 5H a O a = I, + 50 a + 6 H a O 

(c) I, + 5H*0, = 2HIO, + 4H„0 

654. Which of the following reactions can proceed spon¬ 
taneously: 

(a) H 3 P0 4 + 2HI = H,PO a + I a + H.O 

(b) H 3 PO s + SnCl B + H.O = 2HC1 + Sn + H 3 P0 4 

(c) HjP0 9 + P^NO.). + H a O = Pb + 2HNO, + H a P0 4 

(d) H,PO s -f 2AgNO s + H a O = 2Ag + 2HNO, + H.P0 4 

655. Can a salt of iron(III) be reduced to a salt of iron(II) 
in an aqueous solution by (a) potassium bromide, (b) po¬ 
tassium iodide? 

656. Using the table of standard electrode potentials, 
calculate the equilibrium constants for the following reac¬ 
tions: 

(a) Zn + CuS0 4 = Cu + ZnS0 4 

(b) Sn + Pb(CH s COO) a = Sn(CH„COO). + Pb 

* In solving the problems of this section, use the values of the 
standard electrode potentials (Table 9 of the Appendix). 


13-1022 
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657. Calculate the equilibrium constauts for the reac¬ 
tions proceeding (a) in a cadmium-zinc galvanic cell, and 

(b) in a copper-lead cell. 

658. Can tin(IV) be reduced to tin(II) with the aid of 
the following reactions? 

(a) SnCI 4 + 2KI = SnCl s + I* -f 2KCI 

(b) SnCl 4 + H,S = SnCl, + S + 2HC1 

Substantiate your, answer by calculating the equilibrium 
constants for the reactions, 

REVIEW QUESTIONS 

659. Nickel plates are lowered into aqueous solutions 
of the salts listed below. With which salts will the nickel 
react? (a) MgS0 4 ; (b) NaCl; (c) CuS0 4 ; (d) A1C1 8 ; (e) ZnCl a ; 
(f) Pb(N0 3 ) a . 

660. Between which of the pairs of substances (metal -f- 
+ aqueous electrolyte solution) listed below will a displace¬ 
ment reaction proceed? (a) Fe + HC1; (b) Ag -f Cu(N0 3 ) a ; 

(c) Cu + HC1; (d) Zn + MgS0 4 ; (e) Mg + NiCl t . 

661. An aqueous solution of H a S has reducing properties. 
Which of the ions listed below can be reduced by this solu¬ 
tion? (a) Fe 3+ to Fe a+ ; (b) Cu a+ to Cu + ; (c) Sn 4+ to Sn a+ . 

662. Bromine water (a solution of bromine in water) is 
an oxidizing agent often used in the laboratory. Which of 
the following ions can be oxidized with bromine water? 

(a) Fe a+ to Fe 8+ ; (b) Cu + to Cu a+ ; (c) Mn a+ to MnO;; (d) Sn a+ 
to Sn 4 ' 1 '. 

663. A solution of copper(II) sulphate is reacted with 
potassium chloride or potassium iodide. In which cases 
will the copper(II) be reduced to copper(I)? (a) In both cases; 

(b) when reacted with KC1; (c) when reacted with KI; (d) 
in none of the cases. 

664. Which of the following reactions can proceed sponta¬ 
neously when an aqueous solution of potassium permanga 
nate is reacted with silver? 

(a) MnOj + Ag »= MnOj- -f- Ag + 

(b) Mn0 4 + 3Ag + 2H,0 = MnO, + 3Ag+ + 40H- 

(c) MnOj + 8 H+ + 5Ag = Mn 4 + -f 5Ag* + 4H.0 
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665. Which of the following reactions can proceed sponta¬ 
neously in a neutral aqueous solution? 

(a) MnOj + Cl- MnO, + Cl, 

(b) MnO", + Br- MnO, -f Br, 

(c) MnOj + I" -► MnO, + I, 

666. In an aqueous solution, [Hg a+ ] = 0.01 mol/1, 
[Fe 8+ ] «= 0.01 mol/1, [Fe !+ ] = 0.001 mol/1. Which of the 
following reactions will proceed? 

(a) 2FeCl, + Hg = 2FeCl, + HgCl, 

(b) HgCl, + 2FeCl, = Hg + 2FeCl, 

6 . Electrolysis 

By electrolysis is meant the collection of processes occur¬ 
ring when a direct current passes through a system consist¬ 
ing of two electrodes and a melt or solution of an electro¬ 
lyte. 

As in a galvanic cell, the electrode at which reduction 
occurs in electrolysis is called the cathode, and the one at 
which oxidation occurs is called the anode. 

If a system in which electrolysis is being conducted con¬ 
tains various oxidizing agents, the most active of them will 
be reduced at the cathode, i.e. the oxidized form of the elec¬ 
trochemical system which the maximum value of the elec¬ 
trode potential corresponds to. For example, in the elec¬ 
trolysis of an acidic aqueous solution of a nickel salt at 
standard concentrations (or, more exactly, activities) of the 
H + and Ni a+ ions (IH + ] = [Ni* + 1 = 1 mol/1), reduction of 
both the nickel ion 

Ni*+ + 2e~ = Ni = —0.25 V 
and the hydrogen ion: 

2H+ + 2e~ = H, <p, = 0 
is possible. 

But since <p x < <p z , hydrogen will be liberated at the 
cathode In these conditions. 

The cathode process will be different in the electrolysis 
of a neutral aqueous solution ([H + ] = 10 ~ 7 mol/1) of a nickel 
salt. Here the potential of the hydrogen electrode is «p 3 = 


13 * 
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= — 0.41 V (see p. 186). In this case at the previous concen¬ 
tration of the nickel ion (1 mol/1), we have <p t > <p a , and 
nickel will be deposited at the cathode. 

The aboveexampleshowsthatin the electrolysis of aqueous 
solutions of salts that are close to neutral, metals whose 
electrode potentials are appreciably more positive than 
—0.41 V are reduced at the cathode. If the potential of a 
metal is considerably more negative than —0.41 V, hydro¬ 
gen will be liberated at the cathode*. At values of the elec¬ 
trode potential of a metal close to —0.41 V, both reduction 
of the metal and liberation of hydrogen (or the joint occur¬ 
rence of both processes) are possible depending on the con¬ 
centration of the metal salt and the electrolysis conditions. 

Similarly, when a system undergoing electrolysis con¬ 
tains several reducing agents, the more active of them will 
be oxidized at the anode, i.e. the reduced form of the elec¬ 
trochemical system that is characterized by the smallest 
value of the electrode potential. For instance, in the elec¬ 
trolysis of an aqueous solution of copper sulphate with inert 
electrodes (for instance, of carbon), both the sulphate ion 
may be oxidized at the anode: 

2S02" = S 2 0|- + 2<r <pi = 2.01 V 
and water**: 

2HjjO = O a + 4H+ + 4e- <pj = 1.23 V 

Since tp'-C cp°, the second of the possible processes will 
occur in the given case, and oxygen will be liberated at the 
anode. If the inert electrode is replaced with a copper one, 
however, another oxidizing process—the anode dissolving 
of copper—becomes possible, namely: 

Cu = Cu 2+ + 2e- q>3 = 0.34 V 


*,11 must be borne in mind that in the electrolysis of neutral or 
basic'solutions, the liberation of hydrogen at the cathode is a result 
of the electrochemical reduction of water: 

2H a O + 2e~ = H„ + 20H~ 

** In basic solutions, the liberation of oxygen at the anode is 
a result of the process: 

40H- - O a + 2H a O + 4e~ 
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This process is characterized by a lower value of the elec¬ 
trode potential than for the other possible anode processes 
(<Pa^C <Pi and <Pa<C q>^). Consequently, in these conditions, 
copper will be oxidized at the anode. 

In the electrolysis of aqueous solutions of nitrates, per¬ 
chlorates, and phosphates, like sulphates, the water is 
usually oxidized at an inert anode with the formation of free 
oxygen. But other oxygen-containing anions in the electrol¬ 
ysis of aqueous solutions of their salts may undergo anode 
oxidation. The processes occurring at an inert anode in 
the electrolysis of the salts of certain chlorine acids in a 
basic solution are an example: 

CIO- + 40H" = CIO; + 2H a O + 4e- q>° = 0.50 V 

CIO; + 20H- = CIO; + H a O + 2e~ <p° = 1.19 V 

In the electrolysis of aqueous solutions of chlorides, two 
processes are possible at an inert anode: 

2C1- = Cl a + 2e~ q>,° = 1.36 V 

2H s O = 0„ + 4H + + 4e" fj = 1.23 V 

Although here q>i > q> 2 , it is the first process that occurs 
(oxidation of the chloride ion). This is associated with 
the considerable overvoltage of the second process: the 
material of the anode inhibits its proceeding. 

Example 1. Write the equations of the processes occurring in the 
electrolysis of an aqueous solution of sodium sulphate with an inert 
anode. 

Solution. The standard electrode potential of the system Na + -f- 
4- e~ = Na (—2.71 V) is considerably more negative than the poten¬ 
tial of a hydrogen electrode in a neutral aqueous medium (—0.41 V). 
Therefore, the electrochemical reduction of water attended by the 
liberation of hydrogen will occur at the cathode: 

2H 2 0 + 2e~ = H 2 f + 20H" 

while the Na + ions migrating to the cathode will accumulate in the 
part of the solution adjoining it (the cathode space). 

The electrochemical oxidation of water leading to the liberation 
of oxygen will occur at the anode: 

2HjjO = O a f -f- 4H+ + 4e- 

because the standard electrode potential corresponding to this system 
(1.23 V) is considerably lower than the standard electrode potential 
(2.01 V) characterizing the system 2SOJ- = S g O|- 4- 2e~. The SO?- 
ions migrating in electrolysis to the anode will accumulate in the anode 
space. 
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Multiplying the equation of the cathode process by two and adding 
it to the equation of the anode process, we get the net equation of the 
electrolysis process: 

6 H a O = 2H 2 \ +40H-+0 a f +4H+ 

(at cathode) (at anode) 

Taking into account that electrolysis is attended by the accumula¬ 
tion of Na + ions in the cathode space and SOj~ ions in the anode space, 
the net equation of the process can be written as follows: 

6H 2 0 + 2Na a S0 4 =2H 2 t + 4Na + -f 40H--f-0 a }+4H + +2SOf- 

(at cathode) (at anode) 

Consequently, sodium hydroxide (in the cathode space) and sul¬ 
phuric acid (in the anode space) will be formed simultaneously with the 
liberation or hydrogen and oxygen. 

Electrolysis processes are characterized quantitatively 
by laws established by Michael Faraday. They can be given 
the following general formulation (Faraday’s law): the 
mass of an electrolyte transformed in electrolysis and also the 
mass of the substances formed at the electrodes are directly 
proportional to the amount of electricity that has passed through 
the electrolyte solution or melt, and to the equivalent masses of 
the relevant substances. 

Faraday’s law is expressed by the following equation: 



where m is the mass of the substance that has been formed 
or transformed; nz et pis its equivalent mass; / is the current; 
t is the time; and F is Faraday’s constant (96 500 C/mol), 
i.e. the amount of electricity needed for the electrochemical 
transformation of One equivalent of a substance. 


Example 2. A current of 2.5 A passing through an electrolyte 
solution deposits 2.77 g of a metal in 30 min. Find the equivalent 
mass of the metal. 

Solution. We solve the equation of Faraday’s law relative to the 
equivalent mass of the metal and introduce the data of the example 
into it (m — 2.77 g, I = 2.5 A, and t = 30 min = 1800 s): 


mP 2.77 x 96 500 
m ** It 2.5X1800 


= 59.4 g/mol 
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Example 3. A current of 6 A was passed through an aqueous solu¬ 
tion of sulphuric acid during 1.5 h. Calculate the mass of the decom¬ 
posed water and the volume of the liberated oxygen and hydrogen 
(in standard conditions). 

Solution. We find the mass of the decomposed water from the equa¬ 
tion of Faraday’s law, bearing in mind that 1.5 h = 5400 s and 
ro eq (HjO) = 9 g/mol: 


m (H a O) = 


meqlt 

F 


9 X 6 X 5400 
90500 


= 3.02 g 


In calculating the volumes of liberated gases, we can write the 
equation of Faraday’s law as follows: 


V = 


F eq /t 

~T~ 


where V is the volume of the gas, litres, and is its equivalent vol¬ 
ume, 1/mol. 

Since in standard conditions the equivalent volume of hydrogen 
is 11.2 1/rool, and that of oxygen is 5.6 1/mol, we get: 


V(H.) 


11.2 x 6 x 5400 
96500 


= 3.76 litres; 


V(O a ) 


5.0 X 0 X 5400 
96 500 


1.88 litres 


PROBLEMS* 

667. Compile the equations of the processes occurring in 
the electrolysis of NaOH and NiCl a melts using inert elec¬ 
trodes. 

668. Represent schematically the electrolysis of aqueous 
solutions of H a S0 4 , CuC 1 2 , and Pb(N0 8 ) 2 with platinum 
electrodes. 

669. Write the equations of the electrode processes occur¬ 
ring in the electrolysis of aqueous solutions of BaCl 2 and 
Pb(N0 8 ) 2 with carbon electrodes. 

670. Write the equations of the electrode processes occur¬ 
ring in the electrolysis of aqueous solutions of FeCl s and 
Ca(N0 3 ) 2 with an inert electrode. 

671. Represent schematically the electrolysis of an 
aqueous zinc chloride solution if (a) the anode is of zinc, 
and (b) the anode is of carbon. 


• In solving the problems of this section, use the values of the 
standard electrode potentials (Table 9 of the Appendix) when needed. 
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672. Represent schematically the electrolysis of an 
aqueous copper sulphate solution if (a) the anode is of cop¬ 
per, and (b) the anode is of carbon. 

673. In what sequence will the metals be deposited in the 
electrolysis of a solution containing nickel, silver, and cop¬ 
per sulphates in the same concentration? 

674. A solution contains Fe a+ , Ag + , Bi 3+ , and Pb a+ ions 
in the same concentration. In what sequence will these ions 
be deposite d in electrolysis if the voltage is sufficient for 
the deposition of any metal? 

675. Represent schematically the processes occurring 
at copper electrodes in the electrolysis of an aqueous KN0 3 
solution. 

676. We have a solution containing KC1 and Cu(NO s ) a . 
Propose the simplest way of obtaining virtually pure KN0 3 . 

677. Nickel precedes hydrogen in the electromotive se¬ 
ries. Explain why the electrolytic separation of nickel from 
aqueous solutions of its salts is possible. 

678. Unrefined copper contains admixtures of silver and 
zinc. What will happen to these admixtures in the electro¬ 
lytic refining of copper? 

679. In the electrolysis of a CuCl 2 solution, 560 ml of a 
gas were liberated at the anode (in standard conditions). 
Find the mass of the copper deposited at the cathode. 

680. What mass of silver will be deposited when a cur¬ 
rent of 6 A is passed through a silver nitrate solution for 
30 min? 

681. How much time is needed for the complete decom¬ 
position of two moles of water using a current of 2 A? 

682. How can LiOH be prepared electrolytically from a 
lithium salt? What amount of electricity is needed to pro¬ 
duce one tonne of LiOH? Represent the electrode processes 
schematically. 

683. What volume oi oxygen (in standard conditions) 
is liberated when a current of 6 A is passed through an 
aqueous KOH solution for 30 min? 

684. What volume of hydrogen (in standard conditions) 
is liberated when a current of 3 A is passed through an 
aqueous H a S0 4 solution for one hour? 

685. What amount of electricity is needed to liberate 
from a solution (a) 2 g of hydrogen, and (b) 2 g of oxygen? 
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686. In the electrolysis of an aqueous Cr 2 (S0 4 ) 3 solution 
using a current of 2 A, the mass of the cathode increased by 
8 g. How long was electrolysis conducted? 

687. In the electrolysis of an aqueous SnCl 2 solution, 
4.48 litres of chlorine (in standard conditions) were liberated 
at the anode. Find the mass of the tin deposited at the 
cathode. 

688. A current of 5 A deposited 1.517 g of Pt in 10 min 
from a solution of a platinum salt. Find the equivalent mass 
of the platinum. 

689. What is the equivalent mass of cadmium if 1717 C 
of electricity have to be passed through a solution of its salt 
to deposit 1 g of cadmium? 

690. When a current of 1.5 A was passed for 30 min through 
a solution of a salt of a trivalent metal, 1.071 g of the metal 
were deposited at the cathode. Calculate the atomic mass 
of the metal. 

REVIEW QUESTIONS 

691. Which process occurs in the electrolysis of an aqueous 
tin(II) chloride solution at a tin anode? (a) Sn -> Sn 2+ + 
+ 2a-; (b) 2C1- -> Cl 2 + 2e“; (c) 2H a O -> 0 2 + 4H + + 4e-. 

692. In the electrolysis of an aqueous nickel(II) sulphate 
solution, the process 2H a O = 20 2 + 4H + + 4e~ occurs at 
the anode. What material is the anode made from? (a) Nick¬ 
el; (b) copper; (c) gold. 

693. In the electrolysis of an aqueous potassium sul¬ 
phate solution, the pH of the solution in the space near an 
electrode increased. Which pole of the current source is the 
electrode connected to? (a) The positive pole; (b) the nega¬ 
tive pole. 

694. In the electrolysis of an aqueous solution of a salt, 
the pH in the space near one of the electrodes increased. 
A solution of which salt was being electrolyzed? (a) KC1; 
(b) CuCl 2 ; (c) Cu(NO„) 2 . 

695. In the electrolysis of an aqueous solution of NaOH, 
2.8 litres of oxygen were liberated at the anode (in standard 
conditions). How much hydrogen was liberated at the ca¬ 
thode? (a) 2.8 litres; (b) 5.6 litres; (c) 11,2 litres; (d) 22.4 li¬ 
tres. 
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696. In the electrolysis of a copper(II) chloride solution, 
the mass of the cathode increased by 3.2 g. What occurred at 
the copper anode? (a) 0.112 litre of Cl a was liberated; (b) 
0.56 litre of O a was liberated; (c) 0.1 mol of Cu 2+ passed into 
the solution; (d) 0.05 mol of Cu 2+ passed into the solution. 



9 

COMPLEX COMPOUNDS 


1. Determining the Composition 
of a Complex Ion 

By complex compounds are meant definite chemical com¬ 
pounds formed by a combination of individual components 
and that are complex ions or molecules capable of existing 
in both the crystalline and the dissolved state. 

In a molecule of a complex compound, one of the atoms, 
generally with a positive charge, occupies the central site 
and is called the complexing agent or central atom (ion). 
Around it in direct proximity are arranged (or, as we say, 
coordinated) oppositely charged ions or neutral molecules 
called ligands. The complexing agent and the ligands form 
the inner sphere of a complex compound. The total number 
of sigma bonds formed by the complexing agent with the 
ligands is known as the coordination number of the central 
ion. In accordance with the number of sigma bonds formed 
by a ligand with the complexing agent, the ligand may be 
a monodentate, bidentate, or polydentate. 

Outside the limits of the inner sphere of a complex com¬ 
pound is its outer sphere containing positively charged 
ions (if the inner sphere of the complex compound is charged 
negatively) or negatively charged ions (if the complex ion 
is charged positively). When the inner sphere has no charge, 
the outer sphere is absent. 

The ions in the outer sphere are mainly bonded to the 
complex ion by forces of electrostatic interaction and read¬ 
ily detach themselves in solutions, like the ions of strong 
electrolytes. The ligands in the inner sphere of a complex 
have covalent bonds with the complexing agent, and they 
dissociate in a solution, as a rule, only insignificantly. 
For this reason, qualitative chemical reactions make it 
possible to detect only outer sphere ions. When writing 
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formulas of complex compounds, the inner sphere is separat¬ 
ed from the outer one by brackets. 

Example 1. Only two-thirds of the chlorine contained in a solution 
of the complex salt CoCl 3 -5NH 3 were precipitated from it by silver 
nitrate. No cobalt ions or free ammonia were detected in the solution 
of the salt. The electrical conductivity of the solution shows that the 
salt dissociates into three ions. What is the coordination structure of 
this compound? Write the equation of dissociation of the complex 
salt. 

Solution. The absence of Co a+ ions and free ammonia in the solu¬ 
tion of the above salt signifies that these components are in the inner 
sphere of the complex compound. Also, the inner sphere includes 
one chloride ion that is not precipitated by the AgN0 3 . Hence, the 
composition of the inner sphere corresponds to the formula 
[CoCl(NH 3 ) s ] a+ . The outer sphere contains two chloride ions compensat¬ 
ing the charge of the inner sphere of the complex: [CoCl(NH 3 ) 5 ]Cl 3 . 
The complex salt dissociates in solution as follows: 

[CoC1(NH„) 6 ]G1 2 - [CoC 1(NH 3 ) 5 ]*+ + 2C1- 
which agrees with the data on the electrical conductivity. 

In calculating the charge of a complex ion, one must pro¬ 
ceed from the fact that this charge equals the algebraic sum 
of the charges of the complexing agent and the ligands; 
the charge of the complexing agent is taken equal to its 
oxidation state. 

Example 2. Calculate the charges of the following complex ions 
formed by chromium(III): (a) [CrCl(H a O) 5 ]; (b) [CrCL(H 2 0) 4 ]; and 
(c) tCr(C a 0 4 ) 3 (H 2 0) 2 ]. 

Solution. We take the charge of the chromium(III) ion equal to +3, 
the charge of a water molecule is zero, and the charges of the chloride 
and oxalate ions are —1 and —2, respectively. We compute the al¬ 
gebraic sum of the charges for each of the above compounds: (a) -j-3 + 
+ (-1) = + 2; (b) +3 + 2 (-1) = +1; and (c) +3 + 2 (-2) = -1. 

PROBLEMS 

697. Silver nitrate precipitates the entire chlorine as 
silver chloride from a solution of the complex salt PtCl 4 - 
•6NH 3 , and only one-fourth of the chlorine from a solution 
of the salt PtCl 4 -3NH 3 . Write the coordination formulas of 
these salts, and determine the coordination number of the 
platinum in each of them. 

698. Two complex salts of cobalt are known corresponding 
to the same empirical formula GoBrS0 4 -5NH 3 . They differ 
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in that a solution of one salt gives a precipitate with BaCl 2 , 
but does not form a precipitate with AgNO s , whereas a 
solution of the other salt, on the contrary, gives a precipitate 
with AgN0 3 , but does not form a precipitate with BaCl a . 
Write the coordination formulas of both salts and the equa¬ 
tions of their dissociation into ions. 

699. A sufficient amount of an AgN0 8 solution was added 
to a solution containing 23.35 g of the complex salt 
CoG 1 3 -4NH 8 . The mass of the precipitated AgCl was 14.35 g. 
Derive the coordination formula 6f the salt. 

700. The empirical formula of a salt is CrCl 3 - 5H 2 0. If 
the coordination number of the chromium is six, calculate 
the volume of a 0.1 N solution of AgNO a needed to prec¬ 
ipitate the chlorine with an outer sphere bond contained 
in 200 ml of a 0.01 M solution of the complex salt; assume 
all the water in the salt to be in the inner sphere. 

701. Write the equations of the exchange reactions pro¬ 
ceeding between (a) K 4 [Fe(CN) 8 ] and CuS0 4 ; (b) Na 8 {Co{CN) 6 ] 
and FeS0 4 ; and (c) K s [Fe(CN) e ] and AgNO a in the molecular 
and net ionic forms, bearing in mind that the complex salts 
formed are insoluble in water. 

702. Find the charges of the following complex particles 
and indicate the cations, anions, and non-electrolytes 
among them: [Co(NH 3 ) b C 1], [Cr(NH 8 ) 4 P0 4 ], [Ag(NH 8 ) 8 ], 
[Cr(OH)J, [Co(NH 3 ) 3 (NO a ) 8 ], [Cu(H,0)«l. 

703. Determine the oxidation state of the complexing 
agent in the following complex ions: 

[Fe(CN) 6 ]«- [AuClJ- 

[Ni(NH 8 ) 8 Cl] + [Hg(CN) 4 p- 

[Co(NH 3 ) a (NO a ) 4 ] - (Cd(CN) 4 ] a ~ 

[Cr(H t O) 4 Br i ] + 


2. Nomenclature of Complex Compounds 

The names of complex salts are formed according to the 
general rule: first the cation is named, and then the anion. 
The name of a complex cation is formed as follows: first 
the negatively charged ligands are named, and their Latin 
names take an -o ending (Cl“ is chloro, SOJ" is sulphato, 
OH“ is hydroxo, etc.). Next the neutral ligands are named, 
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aqua and ammine being used for water and ammonia, 
respectively. The number of identical negatively charged 
or neutral ligands is indicated by the Greek prefixes mono- 
for 1 (often omitted), di- (2), tri- (3), tetra- (4), penta- (5), 
hexa- (6), etc. After this, the central atom is named (using 
its trivial name) with a Roman numeral in parentheses to 
indicate the oxidation state. The complex part is written 
all as a single word with the oxidation state as part of the 
word. 

Example 1. Name the complex salts: [Pt(NH.)»Cl]Cl and 
[Co(NH^,Br]S0 4 . 

Solution. The name of [Pt(NH.) a C13 Cl is chlorotriammineplati- 
num(II) chloride, and that of [Co(NH s ) 6 Br]S0 4 is bromopentam- 
minecobalt(III). 

The name of a complex anion is formed similar to that of 
a cation, except that the central atom takes an -ate ending, 
and the Latin names are used for Fe, Cu, Sn, Pb, and Ag. 

Example 2. Name the salts Ba[Cr(NH 3 )»(SCN) 4 ] s and 
(NH 4 UPt(OH),Cl 4 ]. 

Solution. The name of Ba[Cr(NH 8 ) 8 (SCN) 4 ] 8 is barium tetrathio- 
cyanodiamminechromate(III), and that of (NH 4 ) 2 [Pt(OH 8 )Cl 4 ) is 
ammonium dihydr6xotetrachloroplatinate(IV). 

The names of neutral complex particles are formed similar¬ 
ly to those of cations, except that the oxidation state is not 
indicated because it is determined by the electroneutrality 
of the complex. For example, the name of [Pt(NH„) a Cl a ] 
is dichlorodiammineplatinum. 

PROBLEMS 


704. Name the following complex salts: 


[Pd(H a O)(NH 8 ) 2 CljCl 
[Cu (N H 3 ) 4 J (N 0 3 ) s 
[Co(NH 8 ) 4 (H 8 0) CNJBr, 
[Co(NH,) s S0 4 ]N0 3 
[Pd(NH 8 ) s Cl]Cl 
K 4 [Fe(CN) e ] 


(NH 4 ) 8 [RhCy 

Na,[PdI 4 ] 

K[Co(NH 8 ) 8 (NO t ) 4 ] 

K 8 [Pt(OH) 6 ClJ 

K 8 [Cu(CN) 4 ] 


705. Write the coordination formulas for the following 
complex compounds: (a) potassium dicyanoargentate; (b) po¬ 
tassium hexanitrocobaltate(III); (c) hexamminenickel(II) 
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chloride; (d) sodium hexacyanochromate (III); (e) hexam- 
minecofaalt(III) bromide; (f) carbonatotetramminechromi- 
um(III) sulphate; (g) diaquatetramminenickel (II) nitrate; 
(h) magnesiihn trifluorohydroxoberyllate. 

706. Name the following electroneutral complex com¬ 
pounds: 

[Cr(H,0) 4 P0 4 ]» [Rh(NH s ) 3 {NO,) 3 ] 

[Cu(NH 3 ) j(SCN) 2 ] lPt(NH 3 ) a Cl 4 l 
[Pd(NH i OH)*Cl,] 

707. Write the formulas of the following complex non¬ 
electrolytes: (a) phosphatotetramminechromium; (b) di- 
chlorodiammineplatinum; (c) trichlorotriamminecobalt; (d) 
tetrachlorodiammineplatinum. Indicate the oxidation state 
of the complexing agent in each of the complexes. 

708. Write the formulas of potassium hexacyanoferrate(II) 
and potassium hexacyanoferrate(III). 

709. The brick red crystals of roseo-cob'altichloride have 
a composition expressed by the formula [Co(NH 3 ) 5 (H 2 0)]Cl 3 , 
and the crimson red crystals of purpureo-cobaltichloride— 
the composition [Co(NH 3 ) 6 Cl]Cl 2 . Give the formal chemical 
names of these salts. 


3. Equilibria in Solutions 
of Complex Compounds 

The outer sphere dissociation of complex salts goes vir¬ 
tually to the end in aqueous solutions, for instance: 
[Ag(NH 3 ) 2 ICl-> [Ag(NH 3 ) 2 ) + -(- Cl - . This dissociation is 
called primary. The reversible decomposition of the inner 
sphere of a complex compound is known as secondary dis¬ 
sociation. For example, the diamminesilver ion dissociates 
as follows: 

IAg(NH 2 ) a ] + Ag + 2NH S 

Secondary dissociation results in equilibrium being estab¬ 
lished between the complex particle, the central ion, and 
the ligands. The dissociation of lAg (NH 3 ) 2 ] + according 
to the above equation is characterized by an equilibrium 
constant called the instability constant of the complex ion: 



[Ag 4 ]fNH a l a 

[Ag(NH s )J] 


= 6.8x10"* 
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The values of the instability constants for various com¬ 
plex ions fluctuate within broad limits and are a measure of 
the stability of a complex. The more stable is a complex ion, 
the smaller is its instability constant. For instance, among 
the following compounds of the same type having various 
values of their instability constants: 

[Ag(NO a ) a j- [Ag(NH s ) a ] + [Ag(S a 0 3 ) 2 p- fAg(CN a )]~ 

1.3 X iO" 8 6.8X10-* 1X10~ 13 1X10-* 1 


the complex [Ag(CN) a ]“ is the most stable, and [Ag(NO a ) a ]“ 
is the least stable. 

The values of the instability constants for selected com¬ 
plexes are given in Table 10 of the Appendix. 

Instability constants whose expressions include the con¬ 
centrations of ions and molecules are called concentration 
ones. Instability constants containing the activities of ions 
and molecules instead of their concentrations are stricter 
and do not depend on the composition and ionic strength 
of a solution. Below, in solving problems, we shall con¬ 
sider the solutions to be sufficiently dilute so as to assume 
that the activity coefficients of the components of a system 
equal unity and use the concentration constants for our 
calculations. 


Example 1. The instability constant of the [Ag(CN) a )~ ion is 
1 X 10 - * 1 . Calculate the concentration of the silver ions in a 0.05 M 
solution of K[Ag(CN) a ] also containing 0.01 mol/1 of KCN. 

Solution. The secondary dissociation of the complex ion follows 
the equation: 

[Ag(CN) a l- ^ Ag + + 2CN- 

In the presence of an excess of CN - ions due to the dissociation of 
KCN (which may be considered complete), this equilibrium is shifted 
to the left so much that the amount of CN - ions formed in secondary 
dissociation may be disregarded. Hence, [CN-] = c(KCN) = 0.01 mol/1. 
For the same reason, the equilibrium concentration of the [Ag(CN) a ]- 
ions may be equated to the total concentration of the complex salt 
(0.05 mol/1). 

According to the data of the example: 


Ainst — 


IAg+J[CN-l» 

[Ag(CN);i 


= 1 X 10-* 1 


whence the concentration of the Ag + ions is: 


[Ag + ] = 


1X 10-«[Ag(CN)7] 
[CN-)* 
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introducing the values of the concentrations of the CN“ and 
[Ag(CN)tl~ ions, we obtain: 


[Ag*J = 


10-* A X 0.05 
( 0 . 01 )* 


= 5 X IQ -1 * mol/1 


The shifting of dissociation equilibrium in systems con¬ 
taining complex ions follows the same rules as in solutions 
of simple (non-complex) electrolytes, namely: equilibrium 
shifts in the direction of the most complete binding of the 
complexing agent or ligand so that the concentrations of 
these particles remaining unbound in the solution take on 
the minimum possible values in these conditions. 

To find the direction of the shift in equilibrium, we must 
assess the values of the equilibrium concentrations of the 
ions in the system being considered. 

Example 2. Solutions of simple cadmium salts form a cadmium 
hydroxide precipitate Cd(OH) a with alkalies, and a cadmium sul¬ 
phide precipitate CdS with hydrogen sulphide. How can we explain 
that when an alkali is added to a 0.05 M solution of K s lCd(CN) 4 ] 
containing 0.1 mol/1 of K.CN, no precipitate is formed, while when 
hydrogen sulphide is passed through this solution, a precipitate of 
CdS is formed? Assume that the instability constant of the lCd(CN) a ]*- 
ion is 7.8 X 10 -M . 

Solution. The conditions for the formation of precipitates of 
Cd(OH) a and CdS can be written as follows: 

[Cd»iL0Hi* > AT g plCd(OH)gl = 4.5 X 10*« 

lCd* + KS*-] > Agp(CdS) = 8 X 10-» 

The concentration of the Cd a+ ions in a solution of the complex 
salt in the given conditions is calculated by the equation (see Ex¬ 
ample 1): 

kinatlCdfCNJi-j 7.8X10-«X0.05 . 

lGd J - mr — —(o.i)* “ 

= 3.9x10-“ mol/1 

The concentration of the Oil- ions sufficient lor the precipitation 
of cadmium hydroxide is found from the inequality: 




4^5X10-1* 

3.9X10" 1 ' 1 1/1 


Hence, in the system being considered at concentrations of the 
OH- ions below 1 mol/1, the equilibrium [Cd(CN) 4 ]*--f 20H~ « 
=s=* Cd(OH)gi -J-4CN - shifts in the direction of formation of t e 
complex ion. 


14-1022 
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The condition for the formation of a cadmium sulphide precipitate 
from the given solution of potassium tetracyanocadmate is found from 
the inequality: 


*sp(CdS) 8.0X10'« 
1 J ^ [Gd a+ ] ~ 3.9 X i0“« 


«2XlO-« 


Consequently, even at low concentrations of the sulphide ion, the 
equilibrium [Cd(CN) 4 ] a ~ -f S* - CdSt + 4CN" virtually complete¬ 
ly shifts in the direction of cadmium sulphide formation. 


PROBLEMS * 

710. In which cases will a reaction occur between the 
solutions of the electrolytes indicated below? Write the 
equations of the reactions in the molecular and the net 
ionic form: 

(a) K,lHgI 4 l + KBr (e) K[Ag(CN),J + NH, 

(b) K s [HgI t J + KCN (f) K[Ag(NO,) a j + NH S 

(c) iAg(NH # ),]Cl-(-K,S 1 O a (g) [Ag(NH a ),]Cl + NiCl, 

(d) K[Ag(CN),J + K.S.0 8 (h) K*[Gu(CN) 4 ] + Hg(NO.), 

711. Calculate the concentration of the Ag + ions in a 
0.1 M solution of [Ag(NH a )«]NO s containing an excess of 
1 mol/1 of NH a . 

712. Calculate the concentration of the cadmium ions in 
a 0.1 M solution of K a [Od(CN) 4 ] containing, in addition, 
6.5 grams of KCN per litre, 

713. Calculate the mass of silver in the form of ions in 
0.5 litre of a 0.1 M solution of sodium dithiosulphatoargen- 
tate Na 8 [Ag(S a 0 8 ) a ] containing in addition 0.1 mol/1 of 
sodium thiosulphate. 

714. Will a silver halide precipitate if we add to one 
litre of a 0.1 M solution of [Ag(NH 8 ) a ]N0 8 containing 
1 mol/1 of ammonia (a) 1 X 10 -6 mol of KBr; (b) 1 X 10~ s mol 
of KI? The solubility products are A sp (AgBr) = 6 X 
X 10- 13 and A 8 p(AgI) - 1.1 X 10' 16 . 

715. How many moles of ammonia must he contained 
in one litre of a 0.1 M solution.of [Ag(NH 8 ) 2 ]N0 8 so that 


* In solving the problems of this section, use the values of the 
instability constants of the complex ions (Table 10 of the Appendix) 
when needed. 
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the addition of 1.5 g of KC1 to one litre of the solution will 
not precipitate AgCl? /ST sp (AgCl) = 1.8 X 10 -10 . 

716. What is the concentration of the silver ions in a 
0.08 M solution of [Ag(NH 3 ) 2 ]N0 3 containing 1 mol/1 of 
ammonia? How many grams of NaCl can be added to one 
litre of the solution before AgCl begins to precipitate? 
* B p(AgCl) = 1.8 X 10- 10 . 

REVIEW QUESTIONS 

717. The instability constants of the complex ions 
{Ag(N0 2 ) 2 ] - and {Ag(CN) 2 l“ are 1.3 x 10~ 8 and 8 X 10-“, 
respectively. What is the relationship between the equilib¬ 
rium concentrations of the Ag + ions in solutions of 
K[Ag(N0 8 ) 2 ] (c x ) and K[Ag(CN) a ] (c 2 ) having the same 
molar concentrations? (a) c x > c a ; (b) c x — c 2 ; (c) c x ■< c t . 

718. Potassium iodide precipitates silver as Agl from 
a solution of [Ag(NH 3 ) a ]N0 3 , but does not precipitate it 
from a solution of K[Ag(CN) a ] of the same molar concen¬ 
tration. What is the relationship between the values of the 
instability constants of the ions lAg(NH 3 ) 2 ] + (K x ) and 
[Ag(CN) 2 ]“ (* a )? (a) Ki > A a ; <b) K x = K 2 , (c) K x < K t . 

719. The instability constants of the [Ag(NH 3 ) 2 ] + and 
[Cd(NH 3 ) 4 ] i!+ ions are close in value (9.3 X 10“ 8 and 7.6 X 
X 10“ 8 , respectively). Indicate the correct relationships 
between the concentrations of the free metal ion [c(Ag + ) and 
e(Cd a+ )] in solutions of [Ag(NH 3 ) a ]Cl and [Cd(NII 3 ) 4 ]Cl 2 
of the same molar concentration containing, in addition, 
0.1 mol/1 of NH„. (a) c(Ag + ) >. c(Cd z+ ); (b) c(Ag + ) 

« e(Cd 2+ ); (c) c(Ag + ) < c(Gd 2+ ). 



10 

GENERAL PROPERTIES 
OF METALS. ALLOYS 


In the liquid state, most metals dissolve in one another 
and form a homogeneous liquid alloy. Upon crystallization 
from the molten state, different metals behave in different 
ways. The following three cases are the main ones. 

1. An alloy is a mechanical mixture of crystals of each 
of the components forming the alloy. 

2. An alloy is a chemical compound formed by the reac¬ 
tion of the metals being alloyed. 

3. An alloy is a homogeneous phase of varying compo¬ 
sition called a solid solution. 

The nature of alloys is most often established by studying 
their phase diagrams, which show the phases that can exist 
in given conditions. In these diagrams, the temperature is 
laid off along the axis of ordinates, and the composition of 
the alloy along the axis of abscissas. 

If two metals M and N do not form a chemical compound 
when alloyed, the phase diagram in the general case has the 
form shown in Fig. 5. Point a shows the melting point of 
pure metal M. As metal N is added to it, the melting point 
first lowers, and then, upon a further increase in the content 
of metal N in the alloy, it grows again until it reaches point b 
corresponding to the melting point of pure metal N. Curve 
acb shows that of all the alloys formed by metals M and N, 
the alloy whose composition corresponds to point c (in the 
given case it contains 37% of metal N and, therefore, 63% 
of metal M) has the lowest melting point. The alloy having 
the lowest melting point is called the eutectic. 

When a liquid alloy having a composition differing from 
that of the eutectic is cooled, the metal whose content in 
the alloy exceeds its content in the eutectic will separate 
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from it in the form of the solid phase. For instance, when 
an alloy containing 70% of metal N is cooled, first this 
metal will separate. This will be attended by lowering of 
the solidification point, and the composition of the remain¬ 
ing liquid portion of the alloy will gradually approach that 
of the eutectic. When the composition of the liquid part 



Fig. 5. P e diagram of system of two metals forming neither 
chemical compounds nor solid solutions 


of the alloy reaches that of the eutectic, and its temperature 
reaches the eutectic one, the entire liquid part of the alloy 
will solidify, forming a mixture of minute crystals of both 
metals. 

If the metals being alloyed form a chemical compound, the 
phase diagram will be of the nature shown in Fig. 6. Here 
there are two eutectic points: c x and c a . The maximum 
(point d) corresponds to the melting point of the chemical com¬ 
pound formed by metals M and N, while point e on the axis 
of abscissas indicates its composition. 

Thus, the phase diagram of a system with a chemical com¬ 
pound is composed, as it were, of two diagrams of the first 
kind. If the components form two or more chemical com- 
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pounds with each other, the diagram consists, as it were, 
of three, four, and more diagrams of the first kind. 



0 20 40 60 80 100 

Content of metal N,%(mass) 


Fig. 6. Phase diagram of system of two metals forming one hemical 
compound 



0 20 40 60 80 100 

Content of metal N, %<mass) 


Fig. 7. Phase iagram of system of two metals forming a continuous 
series of solid solutions 

Figure 7 gives an example of a very simple phase diagram 
for an alloy whose components form solid solutions (the case 
of unlimited mutual solubility). Points a and b show the 
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melting points of the pure metals. The shape of the melting 
(lower) and freezing (upper) curves is due to the fact that 
the crystals separating when the melt is cooled contain both 
components. The melt corresponds to region I in the dia¬ 
gram, the coexistence of the melt and the crystals of the solid 
solution to region II, and the solid solution to region III. 

Phase diagrams allow us to solve a number of problems 
relating to the nature of alloys: establish the structure of 
alloys, the number and composition of the compounds 
formed by the metals being alloyed, the composition of the 
eutectic, etc. 

Example 1. We have 400 g of an alloy containing 30% tin and 
70% lead. Which of these metals and in what amount is in the alloy 
in the form of crystals impregnated in the eutectic if the latter contains 
64% tin and 36% lead? 

Solution. We calculate the mass of each of the metals in 400 g of 
the alloy: 400 X 0.30 = 120 g of tin and 400 X 0.70 = 280 g of 
lead v 

Since the percentage of the tin in the alloy is lower than that in 
the eutectic, it is evident that all the tin is in the eutectic. Proceeding 
from this fact, we find the mass of the eutectic: 

120: * = 64:100; *= 12 °^ 1QQ = 187.5 g 

The remaining part of the alloy is formed by lead crystals impregnated 
in the eutectic. Their mass is 400 — 187.5 = 212.5 g. 

Example 2. In alloying tin with magnesium, the intermetallie 
compound MgjSnis formed. In what proportion must the metals be 
taken for the alloy to contain 20% free magnesium? 

Solution. We determine the percentage of magnesium and tin in 
Mg a Sn. We get 28.7% magnesium and 71.3% tin. 

According to the data of the example, 100 g o me alloy must 
contain 20 g of magnesium and 80 g of Mg s Sn. Let us calculate the 
number of grains of each of the metals in 80 g of Mg a Sn: 

80 X 0.287 = 23 g of Mg; 80 X 0.713 = 57 g o Sn 

Consequently, to prepare 100 g of the alloy having the composi¬ 
tion indicated in the example, we must -take 23 20 = 43 g of 

magnesium per 57 g of tin, i.e. the tin and magnesium must he taken 
in the ratio 57 : 43. 


PROBLEMS 

720. How can one explain the common nature of the 
physical properties of metals? Characterize these proper¬ 
ties. 
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721. On the basis of the method of molecular orbitals 
(MO), explain the features of the structure of metals in the 
crystalline state. 

722. Indicate the most important ways of extracting 
metals from their ores. 

723. Using Table 5 of the Appendix, determine which of 
the following reactions can proceed in standard conditions: 

WOj(c) + 3CO(g) = W(c) + 3COj (g) 

WO,(e) + 3C(graphite) = W(c) + 3CO(g) 

WO,(c) + 3Ca(c) = W(c) + 3CaO(c) 

724. Can metallic titanium be produced by the reaction 

TiCl 4 (lq) + 2Mg(c) = Ti(c) + 2MgCl,(c) 

Substantiate your answer by calculating AG° eg . 

725. Using the phase diagram (melting curve) of the 
system Cd-Bi (Pig. 8), determine which of these metals and 



0 20 40 60 80 100 

Content of Bi,%(mass) 

Fig. 8. Phase diagram of system Cd-Bi 

at what temperature begins to separate first when cooling 
liquid melts containing (a) 20% Bi; (b) 60% Bi: and (c) 70% 
Bi. 

726. What metal will separate when a liquid alloy of 
copper and aluminium containing 25% copper is cooled if 
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Fig. 9. Phase diagram of system Mg-Sb 



Fig. 10. Phase diagram of system Cti'Mg 
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the eutectic includes 32.5% copper? How many grams of 
this metal can be separated from 200 g of the alloy? 

727. An alloy of tin and lead contains 73% tin. Find 
the mass of the eutectic in 1 kg of solid alloy if the eutectic 
contains 64% tin. 

728. Silver coins are usually minted from an alloy con¬ 
sisting of equal masses of copper and silver. How many 
grams of copper are contained in 200 g of such an alloy in 
the form of crystals impregnated in the eutectic if the latter 
contains 28% copper? 

729. Using the phase diagram of the system Mg-Sb {Fig. 9), 
establish the formula of the intermetallic compound formed 
by these metals. What will be the composition of the solid 
phase separating first in the cooling of a liquid melt con¬ 
taining 60% antimony? What will the solidified alloy be? 

730. Use the phase diagram of the system Cu-Mg (Fig. 10) 
to find the formulas of the intermetallic compounds formed 
by these metals. 

731. When magnesium and lead are alloyed, an inter¬ 
metallic compound is formed containing 81% lead. Estab¬ 
lish the formula of the compound and calculate how many 
grams of this compound are contained in 1 kg of the alloy 
formed by equal masses of magnesium and lead. 



THE PERIODIC SYSTEM 
OF ELEMENTS. PROPERTIES OF 
ELEMENTS AND THEIR COMPOUNDS 


1. General 

732. According to what principle are the elements combined 
into groups and subgroups? 

733. Why do metallic properties predominate in manga¬ 
nese, a Group YII element, while the halogens in the same 
group are typical non-metals? In answering, proceed from 
the structure of the atoms of these elements. 

734. How do the valence abilities and coordination num¬ 
bers of the main subgroup elements change with a growth 
in the charge of their atomic nuclei? Investigate this matter 
using the Group VI elements as an example. Write the 
formulas of sulphuric, selenic, and telluric acids. 

735. How does the stability of the higher oxides and 
hydroxides change in the main and secondary subgroups 
with a growth in the charge of the atomic nucleus? Support 
your answer with examples. 

736. How can the difference between the properties of 
the second period elements and those of their electron an¬ 
alogues in the following periods be explained? 

737. How does diagonal similarity of elements manifest 
itself? What causes it? Compare the properties of beryllium, 
magnesium, and aluminium. 

738. What are the genera 1 regularities in the change of 
the physical and chemical properties of the elementary sub¬ 
stances formed by the elements of the main subgroups of 
the periodic table (a) in a period, and (b) in a group? 

739. How do the acid-basic and oxidation-reduction 
properties of the higher oxides and hydroxides of elements 
change with an increasing charge of their atomic nuclei 
(a) in a period, and (b) in a group? 
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740. How can the similarity in the chemical properties of 
the lanthanides be explained? 

741 . Which element is molybdenum more similar to in 
its properties—selenium or chromium? How is this ex¬ 
plained? 

742. Proceeding from the position of the elements in the 
periodic table, determine (a) in which of the hydroxides— 
Sn(OH) 2 or Pb(OH) a —the basic properties are more pro¬ 
nounced; (b) which of the salts hydrolyzes to a greater 
extent: sodium stannate or sodium plumbate; and (c) which 
of the oxides is a stronger oxidizing agent: SnO a or PbO a . 

743 . What are the chemical properties of the artificially 
prepared element with the atomic number 87? Which of 
the elements of the periodic system is it most similar to? 


2. Hydrogen 

744 . Describe the atoms of protium, deuterium, and 
tritium. What is the difference between these atoms? Which 
hydrogen isotopes are stable? 

745. Proceeding from the structure of the hydrogen atom: 
(a) indicate the possible valence and oxidation states of 
hydrogen; (b) describe the structure of the H a molecule 
from the angles of view of the valence bond and molecular 
orbital methods; (c) show why the formation of an H, 
molecule is impossible. 

746. Why are no hydrogen bonds formed between hydro¬ 
gen molecules and oxygen molecules? 

747. In the form of what ions can hydrogen enter the 
composition of . chemical compounds? 

748. Why is hydrogen related to both Group I and 
Group VII in the periodic table? 

749. How is hydrogen produced commercially and in the 
laboratory? Give the equations of the reactions. 

750. Can aqueous solutions of H 2 S0 4 , K 2 S0 4 , KCI, CuS0 4 , 
and NaOH be used as the electrolyte for the electrolytic 
preparation of hydrogen? Substantiate your answer. 

751. The iron-steam method of producing hydrogen is 
based on the reversible reaction 3Fe + 4H a O Fe 3 0 4 -f- 
+ 4H a . How must this process be conducted for the reaction 
to proceed to virtually complete oxidation of the iron? 
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752. Can hydrogen be dried using concentrated sulphuric 
acid? 

753. How can hydrogen be distinguished from oxygen, 
carbon dioxide, and nitrogen? 

754. How can the purity of hydrogen obtained in the 
laboratory be checked? 

755. Indicate the difference between the properties of 
atomic and molecular hydrogen. Axe the heats of combustion 
of atomic and molecular hydrogen the same? Substantiate 
your answer. 

756. Characterize the oxidation-reduction properties of 
hydrogen and hydrogen ions. Give examples of reac¬ 
tions. 

757. How are metal hydrides produced? Compile equations 
of the reactions (a) of preparing calcium hydride, and (b) 
of its reaction with water. 

758. The reaction of calcium hydride with water is some¬ 
times used to ill aerostats in field conditions. How many 
kilograms of CaH a have to be used to fill a 500 m 8 aerostat 
(assuming the conditions to be standard)? How much 
zinc and sulphuric acid would be needed for this pur¬ 
pose? 

759. Why do hydrogen and oxygen fail to react at room 
temperature, while at 700 °C the reaction proceeds virtually 
instantaneously? 

760. Indicate the ways of preparing hydrogen peroxide, 
give the equations of the reactions. 

761. Can H a O a be prepared by the direct reaction of hy¬ 
drogen and oxygen? Substantiate your answer. 

762. Describe the structure of the H a O a molecule. Why 
is this molecule polar? 

763. Write the equation of the reaction of hydrogen per¬ 
oxide decomposition. What kind of oxidation-reduction 
reactions does it belong to? 

764. A small amount of manganese dioxide was added 
to 150 g of an H a O a solution. The oxygen liberated in stan¬ 
dard conditions occupied a volume of 10 -s m 8 . Calculate 
the per cent concentration of the initial solution. 

765. Write the equation of the reaction of Na a O a hydrol¬ 
ysis in the net ionic form. Will a solution of Na 2 0 8 retain 
its bleaching properties if it is boiled? 
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766. Write balanced equations of the following reactions: 

(a) KMn0 4 + H a 0* + H*S0 4 -»- 

(b) Fe(OH), + H*Oj 

(c) KI + H 2 0* + H 2 S0 4 

(d) H a Oj + Hg(NO s ) s + NaOH - Hg + 

(e) AgNO s + H s O» + NaOH — 

REVIEW QUESTIONS 

767. Which of the following ions and molecules cannot 
exist? (a) H\+; (b) H+; (c) H^; (d) H"; (e) H 

Because (1) the bond multiplicity is zero; (2) the Pauli 
exclusion principle is violated; (3) the bond multiplicity 
is less than unity. 

768. Which of the followingja toms, ions, and molecules 
are diamagnetic? (a) H; (b) H s ; (c) H*; (d) H a . 

Because (1) the particle is not charged; (2) the particle 
is charged; (3) the total spin of the electrons is zero; 4) the 
total spin of the electrons is not zero. 

769. Detonating gas at room temperature (a) is in a state 
of chemical equilibrium; (b) is not in a state of chemical 
equilibrium. 

Because (1) the rate of the reaction is zero; (b) the intro¬ 
duction of a catalyst causes the reaction. 

770. On the basis of the following values of the electrode 
potentials: 

H„ + 2<r ** 2H- <p° = -2.23 V 

2H + + 2<s“ Hg <p = -0.41 V (at pH = 7) 

establish whether the hydride ion can exist in aqueous 
solutions, (a) Yes; (b) no. 

3. The Halogens 

771. On the basis of the structure of the halogen atoms, 
indicate what valence states are characteristic of fluorine, 
chlorine, bromine, and iodine. What oxidation states do 
the halogens exhibit in their compounds? 

772. Give a comparative characteristic of the halogen 
atoms, indicating (a) the nature of the change in the first 
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ionization potentials, and (b) the nature of the change in 
the energy of affinity to an electron. 

773. Give a comparative characteristic of the properties 
of the elementary substances formed by the halogens, indica¬ 
ting the nature of the change in (a) the standard enthalpies 
of dissociation of Hal a molecules, (b) the state of aggregation 
of elementary substances at ordinary temperature and 
pressure, and (c) the oxidation-reduction properties. Name 
the causes of these changes. 

774. Show schematically the chain reaction of chlorine 
with hydrogen. What role is played by illumination in it? 
Is the frequency of the light of any significance here? 

775. Write equations Of the reactions of the halogens 
with water and alkali solutions (cold and hot). 

776. Give examples of possible reactions of halogens 
with one another. Indicate the oxidation states of the 
halogens in the products. 

777. At 300 °C, the degree of thermal dissociation of HI 
is 20%. What are the equilibrium concentrations of H a 
and I a in the system H a + I a 2HI at this temperature if 
the equilibrium concentration of HI is 0.96 mol/1? 

778. Give a comparative characteristic of the properties 
of the hydrogen halides, indicating the nature of the change 
in (a) the boiling and melting points, (b) the thermal sta¬ 
bility, and (c) the reducing properties. Explain the regular¬ 
ities observed. 

779. Indicate the ways of preparing hydrogen halides. 
Why is it impossible to prepare HI in the ways used to 
produce HG1? 

780. What materials may be used to manufacture the 
apparatus employed in the production of hydrogen fluoride? 

781. What vessels are used to keep an aqueous solution 
of hydrogen fluoride? 

782. Are the aqueous solutions of sodium fluoride, ammo¬ 
nium fluoride, and silicon fluoride neutral, acidic, or basic? 

783. Can hydrogen halides play the role of an oxidizing 
agent in any reactions? Give a motivated answer. 

784. By the action of what halogens can free bromine be 
liberated from solutions of (a) potassium bromide, (b) potas¬ 
sium bromate? Give a motivated answer using a table of 
standard electrode potentials. 
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785. How will (a) the stability, (b) the oxidizing proper¬ 
ties, and (c) the acid properties change in the series HClO- 
HC10 a -HC10 #-HG10 4 ? 

786. How will the acid and oxidation-reduction proper* 
ties change in the series HClO-HBrOHIO? 

787. Why does only iodine of all the halogens form poly- 
basic oxyacids? Indicate the kind of hybridization of the 
halogen AO’s in their higher oxyacids. 

788. How can we produce HIO s from free iodine, manga¬ 
nese dioxide, and hydrochloric acid? Compile the equations 
of the relevant reactions. 

789. What amount of potassium chlorate can be obtained 
from 168 g of potassium hydroxide? 

790. How can chlorinated lime be prepared from calcium 
carbonate, sodium chloride, and water? Write the equations 
of the processes. What byproducts are obtained? 

791. Explain why it is impossible to produce chlorine 
oxides by directly reacting chlorine with oxygen. 

792. Indicate the laboratory and commercial ways of 
producing potassium chlorate. 

793. Write balanced equations of the following reactions: 

(a) F, + NaOH <g) Ca(0H),-f-Br,+H,0 

(b) K,C0,+C1,+H,0 -► (h) KI + H,S0 4 (conc) 

(c) KMd 0 4 + HC1 -v (i) I* + Cl, + H,0 -> 

(d) HCIO, + HC1 -*■ (j) BrCl s -f H,0 -*■ 

(e) NaCl+KClO 8 +H,S0* -► (k) I,+HNO,(conc) -*■ 

(I) NaCrO,+Br,+NaOH-► (1) KBr+KC10,+H,S0*-> 

REVIEW QUESTIONS 

794. Which of the following reactions can be carried out 
to produce oxygen compounds of halogens? 

(a) i-Cl, + 0, = CIO, 

(b) F,+i-O a = OF, 

(C) 3CI, + 10HNO, = 6HCIO, + 10NO + 2H,0 

(d) 31, + 10HNO, = 6HIO, + 10NO + 2H,0 

Use Tables 5 and 9 of the Appendix for your answer. 
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795. With which of the following substances does HBr 
react? (a) Ca(OH) a ; (b) PC1 S ; (c) H 2 S0 4 (cone); (d) KI; 
(e) Mg; (f) KC1CV 

Here HBr exhibits the properties of (1) an acid; (2) a base; 
(3) an oxidizing agent; (4) a reducing agent. 

4. Oxygen Subgroup Elements 

796. On the basis of the structure of the oxygen atom, 
indicate its valence abilities. What oxidation states does 
oxygen exhibit in its compounds? 

797. Indicate the laboratory and commercial ways of 
producing oxygen, and list the most important spheres of 
its practical use. 

798. Characterize molecular oxygen'. O t , indicating 
(a) its chemical properties; (h) the structure of the molecule 
according to the MO method; and (c) the magnetic properties 
of the molecule. What elementary substances does oxygen 
not react with directly? 

799. Describe the electron configuration of the 0 8 mole¬ 
cule; compare the chemical activity of ozone O a and molec¬ 
ular oxygen O a . How can ozone be prepared from molecular 
oxygen? 

800. Can oxygen react with (a) hydrogen, and (b) nitrogen 
at room temperature? Motivate your answer using Table 5 
of the Appendix. 

801. After the ozonization of a certain volume of oxygen, 
the volume of the gas was found to diminish by 500 ml. 
What volume of ozone was formed? What amount of heat 
was absorbed in its formation if hH°t otm — 144.2 kJ/mol 
for ozone? 

802. On the basis of the structure of sulphur, selenium, 
and tellurium atoms, indicate the valence and oxidation 
states that are characteristic of these elements. Write 
the formulas of their higher hydroxides. Explain your 
answer. 

803. Give a comparative characteristic of the hydrogen 
compounds of the main subgroup elements of Group VI, 
indicating and explaining the nature of the change in (a) the 
thermal stability; (b) the melting and boiling points; 
(c) the acid-basic and oxidation-reduction properties. Which 
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of these compounds, can be prepared by reacting hydrogen 
with the relevant elementary substance? 

804. What substance is oxidized more readily—sodium 
sulphide or sodium telluride? Explain your answer. 

805. Give a. comparative characteristic of sulphurous, 
selenous, and tellurous acids, indicating the changes in 
(a) the stability; (b) the acid properties; and (c) the oxidation- 
reduction properties. Illustrate your answer with reac- 
tions, 

806. Which Group VI element forms a hexabasic acid? 
Write its formula. Why do the other elements of this sub¬ 
group form no similar acids? 

807. How and why do the acid properties in the series 
sulphuric-selenic-telluric acid change? How do the oxidizing 
properties, change in this series? 

808. Explain why hydrogen sulphide does not precipitate 
manganese sulphide, but does precipitate copper sulphide. 
Can manganese sulphide be precipitated from an aqueous 
solution of its salt? 

809. Indicate a laboratory method of preparing hydrogen 
sulphide. How can hydrogen selenide and hydrogen telluride 
be prepared? 

810. What hydrogen compounds does sulphur form? 
How are they prepared? What is their structure? What 
Oxidation states dons sulphur exhibit in these compounds? 

811. Compare the reaction of Sb 2 S a with solutions of 
(NH 4 ) 2 S and (NH 4 ) 2 S 2 . 

812. Why does zinc sulphide dissolve in hydrochloric 
acid, and why does copper sulphide not dissolve in it? In 
what acid can copper sulphide be dissolved? 

813. What are the products of the reaction of iron(III) 
chloride with (a) hydrogen sulphide, and (b) ammonium 
sulphide? 

814. Explain why ZnS and PbS can be prepared by an 
exchange reaction in an aqueous solution, while Al a S s and 
Cr & Sa cannot. Indicate a way of preparing Al a S s and Cr a S 3 . 

815. Are the solutions of (a) Na 2 S, (b) (NH 4 ) a S, and 
(p) NaHS neutral, acidic, or basic? 

816. What properties does hydrogen sulphide exhibit 
when it reacts with aqueous solutions of KMn0 4 , H.O., 
and NaOH? 
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817. Write balanced equations of the following reactions: 

fusion 

(a) S + NaOH-► (d) FoCl s + H,S -► 

(b) H a S + Cl, + H,0 (e) FeCl, + Na,S+H,0-> 

(c) H,S + KMnO, + H,0 (f) H a S+H a SO t (conc) -► 

818. Give examples of reactions for preparing SO a that 
(a) are attended by a change in the oxidation state of the 
sulphur, and (b) are not attended by a change in its oxidation 
state. 

819. Are the solutions of Na,SO a and NaHSO s neutral, 
acidic, or basic? Calculate the pH of a 0.001 M solution of 
Na a SO a . 

820. Characterize the oxidation-reduction properties of 
sulphur dioxide and sulphurous acid. Substantiate your 
answer with examples. 

821. Write balanced equations of the following reactions: 

(a) H a S + SO, — (c) KMnO* + SO, + H a O — 

(b) H.SOj + 1, — (d) HIO, + H a SO s -v 

Indicate what properties sulphur dioxide or sulphurous 
acid displays in each of these reactions. 

822. Which of the following desiccants can be used to 
remove moisture from SO a : H a S0 4 (cone), KOH(c), P a 0 6 (c), 
K s CO s (c)? 

823. How many litres of SO, taken in standard conditions 
have to be passed through a solution of HC10 3 to reduce 
16.9 g of it to HC1? 

824. Does sulphurous acid exhibit oxidizing or reducing 
properties when it reacts with (a) magnesium; (b) hydrogen 
sulphide; and (c) iodine? Which of its ions is responsible 
for these properties in each of the above cases? 

825. 448 ml of SO a (in standard conditions) are passed 
through 100 ml of a 0.2 N solution of NaOH. What salt is 
formed? Find its mass. 

826. Write the equations of the reactions of sodium thio¬ 
sulphate with (a) chlorine (when its amount is less than or 
in excess of the stoichiometric amount), and (b) iodine. 

827. Write the equation of the reaction of preparing 
sodium thiosulphate. What is the oxidation state of sulphur 
in this compound? Does the thiosulphate ion display oxidiz- 
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mg or reducing properties? Give examples of the relevant 
reactions. 

S£3. Write balanced equations of the reactions of (a) con¬ 
centrated H 2 S0 4 with magnesium and with silver, and (b) 
dilute H 2 S0 4 with iron. 

829. How many grams of sulphuric acid are needed to 
dissolve 50 g of mercury? How much of the acid will go to 
oxidize the mercury? Can dilute sulphuric acid be used to 
dissolve mercury? 

830. Is the same amount of sulphuric acid needed to dis¬ 
solve 40 g of nickel if we take concentrated acid in one case 
and dilute acid in another? How many grams of sulphuric 
acid will go to oxidize the nickel in each case? 

831. Oleum is transported in iron tank cars. May they 
be replaced with lead cars? Why does oleum not dissolve 
iron? 

832. What properties can be used to distinguish sodium 
sulphite from sodium thiosulphate? Give the equations of 
the reactions. 


REVIEW QUESTIONS 

833. Name the substances whose content in air in con¬ 
siderable amounts is incompatible with the presence of 
ozone, (a) S0 2 ; (b) HF; (c) H 2 S; (d) C0 2 ; (e) N 2 . 

834. What is the relationship between the pH’s of iso¬ 
molar solutions of sodium sulphide (pH,), selenide (pH^, 
and telluride (pH a )? (a) pH, <; pH 2 < pH s ; (b) pH, = 
= pH 2 = pH 3 ; (c) pH, > pH 2 > pH s . 

835. Which of the following sulphides are not precipitated 
from aqueous solutions by hydrogen sulphide? (a) CuS; 

(b) CdS; (c) FeS; (d) Fe 2 S 3 ; (e) MnS; (f) HgS; (g) PbS; 
(h) Cr 2 S„; (i) CaS. 

Because (1) the solubility product of the sulphide is 
not reached; (2) the sulphide formed is completely hydrolyzed; 
and (3) the sulphide ion reduces the cation. 

836. Which of the compounds listed below enter into 
a reaction with sodium thiosulphate: (a) HC1; (b) NaCl; 

(c) Nal; (d) I 2 ; (e) KMn0 4 if (1) the initial substance becomes 
decolourized; (2) a precipitate forms; (3) a gas evolves? 
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837. Is an ammonium sulphide solution (a) acidic; (b) 
neutral; (c) basic? 

Because (1) both the cation and the anion of the salt 
become hydrolyzed; (2) the anion becomes hydrolyzed to a 
greater extent; (3) the dissociation constant of the ammo¬ 
nium hydroxide is greater than that of the hydrosulphide 
ion. 

838. With which of the following substances does con¬ 
centrated sulphuric acid react? (a) C0 2 ; (b) HC1; (c) P; 
(d) BaCl z ; (e) Ba(OH) 2 ; (f) Hg; (g) Pt; (h) HI; (i) NH 3 . 

The sulphuric acid exhibits (1) acid properties; (2) oxidiz¬ 
ing properties; (3) neither of these properties. 

5. Nitrogen Subgroup Elements 

839. Give a comparative characteristic of the atoms of 
the nitrogen subgroup elements, indicating (a) the electron 
configurations; (b) the valence abilities; and (c) the most 
characteristic oxidation states. 

840. Describe the electron configuration of NH 3 , NHJ, 
NgO, NH a , and HNO s . What is the oxidation state of the 
nitrogen in each of these compounds? 

841. Give examples of nitrogen compounds whose mole¬ 
cules have donor-acceptor bonds. 

842. Describe the electron configuration of the N 2 mole¬ 
cule from the angles of view of the valence bond and mo¬ 
lecular orbital methods. 

843. Give examples of reactions in which nitrogen is 
an oxidizing agent, and an example of a reaction in which 
it is a reducing agent. 

844. The solubility of NH 4 C1 and NaNO a at 20 °C is 
37.2 and 82.9 g in 100 g of water, respectively. How many 
grams of saturated solutions of these salts must be mixed 
to obtain 24 litres of nitrogen (measured at 20 °C and stan¬ 
dard atmospheric pressure) when heated? 

845. What nitrogen compounds are obtained by the 
direct binding (fixation) of atmospheric nitrogen? Give the 
reactions used to prepare them and indicate the conditions 
for conducting these reactions. 

846. How many tonnes of calcium cyanamide can be 
produced from 3600 m s of nitrogen (20 °C, standard atmo- 



230 


Problems and Exercises in General Chemistry 


spheric pressure) when it reacts with calcium carbide if the 
nitrogen losses are 40 %? 

847. Give examples of combination, hydrogen replace¬ 
ment, and oxidation reactions typical of ammonia. 

848. What volume of ammonia (in standard conditions) 
can be obtained by reacting two litres of a 0.5 N alkali 
solution with an ammonium salt? 

849. Can H 2 S0 4 or P z 0 5 be used as desiccants of gase¬ 
ous ammonia? Motivate your answer. 

850. Write the equations of the reactions of thermal 
decomposition for the following salts: (NH 4 ) 2 C0 3 , NH 4 NO„ 
(NH 4 ) 2 S0 4 , NH 4 C1, (NH 4 ) 2 HP0 4 , NH 4 H 2 P0 4 , (NHJ.Cr.O,, 
and NH 4 N0 2 . 

851. Ammonium nitrate can he decomposed in two ways: 

NH 4 NO,(c) = NjO(g) + 2H,0(g) 

NH 4 N O s (c)—N a (g) + y O s (g) + 2H*0(g) 

Which of these reactions is more probable and which is 
more exothermic at 25 °C? Confirm your answer by cal¬ 
culating AG°, s and A/7° 6a . How will the probability of 
these reactions change when the temperature is elevated? 

852. What are the properties of hydrazoic acid and its 
salts? Can HN 8 be prepared by the direct reaction of nitro¬ 
gen and hydrogen? Motivate your answer. 

853. Write balanced equations of the following reactions 
and indicate the function of HN, (acidic, oxidizing, reducing) 
in each of them: 

(a) HN, + KMnO* + H,S0 4 -*■ N, -f MnS0 4 + 

(b) HN a + HI N, + NH 4 I + I, 

(c) HN, + Cu -* Cu(N,), + N, + NH, 

(d) HN, + NaOH 

854. Calculate the pH of a 0.1 N solution of NaN, and 
the degree of hydrolysis of the salt. 

855. Write balanced equations of the reactions: 

(a) N a H 4 .H,S0 4 + KMnO, + H„S0 4 -► N, + 

(b) N,H 4 + HgCl a -»• N, + Hg 2 Clj + 

What is the function of the hydrazine in these reactions? 
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856. Characterize the oxidation-reduction properties of 
hydroxylamine and its salts; give examples of the relevant 
reactions. 

857. Indicate the ways of preparing nitrogen oxides. Why 
can only nitrogen monoxide be obtained by direct synthesis 
from N 2 and O a ? Why is an appreciable yield of NO observed 
only at high temperatures when N a and 0 2 react? 

858. Describe the electron configuration of the NO mole¬ 
cule according to the molecular orbital method. 

859. Describe the chemical properties, of N 2 0 and NO. 
What class of oxides do these compounds belong to? 

860. What gas (brown in colour) evolves when concen¬ 
trated nitric acid reacts with metals? What molecules does 
it consist of? Why does its colour become more intense when 
the temperature is elevated and less intense when it is 
lowered? Will this gas obey Boyle’s law if it is compressed 
at constant temperature? Write the equations of the reac¬ 
tions occurring when this gas is dissolved in water and in 
an alkali solution. 

861. Why does'the NO a molecule readily dimerize, where¬ 
as such a process is not characteristic of SO a ? 

862. Are the solutions of NaNO s , NH 4 N0 3 , NaNO a , and 
NH 4 NO a neutral, acidic, or basic? Which of the above salts 
react in a solution acidified with H a S0 4 (a) with potassium 
iodide, and (b) with potassium permanganate? Write the 
equations of the reactions. 

863. Write the equations of the reaction of nitric acid 
with zinc, mercury, magnesium, copper, sulphur, carbon, 
and iodine. What does the composition, of the nitric acid 
reduction products depend on? 

864. Write the equation of the HNO a disproportionation 
reaction. 

865. Indicate the chemical reactions as a result of which 
nitric acid is produced at present from natural sub¬ 
stances. 

866. In producing nitric acid from a nitrate, why must 
concentrated sulphuric acid be used and the nitrate taken 
in the solid form? Why is strong heating of the reaction 
mixture prohibited? 

867. What is the thermal stability of nitrates and nitrites? 
What happens when the following salts are heated: NaNO a , 
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Pb{N0 2 ) 2 , NH 4 N0 2 , NaN0 3 , Pb(N0 3 ) 2 , AgN0 3 , NH 4 N0 3 ? 
Write the equations of the reactions. 

868. Write balanced equations of the following reactions: 

(a) NO a + Ba(OH)„ -*■ 

(b) NO + KMn0 4 + H 2 0 — 

(c) P + HN0 3 (conc) 

(d) Zn + NaNO s + NaOH -*- 

(fusion) 

(e) Zn + NaNOg + NaOH -,->- 

(solution) 

<f) Cu a S + HNO a (conc) 

869. What is aqua regia? What properties does it have? 
Write the equation of the reaction between aqua regia and 
gold. 

870. A certain amount of copper has to be dissolved in 
nitric acid. When will less acid be needed—when a 90% 
or a 35% solution of HN0 3 is used? 

871. How can NH 4 N0 3 be obtained by using atmospheric 
nitrogen and water as the reactants? 

872. How is phosphorus produced commercially? Write 
the equations of the relevant reactions. 

873. Indicate the allotropic modifications of phosphorus 
and the differences in their properties. Do these differences 
remain after phosphorus passes into the gaseous state? How 
can we prove that red and white phosphorus are allotropic 
modifications of the same element? 

874. At 800 °C, the density of phosphorus vapour relative 
to air is 4.27, and at 1500 °C it drops to half of this Value. 
How many atoms does a phosphorus molecule consist of at 
these temperatures? 

875. What amount of heat is liberated in the transfor¬ 
mation of one tonne of white phosphorus into the red modifi¬ 
cation if the heat of transition is 16.73 k J per mole of atoms? 

876. Indicate the names and formulas of the ammonium 
salts of orthophosphoric acid. Why can ammonia be obtained 
from them by direct heating, while for preparing ammonia 
from ammonium chloride, the latter must first be mixed 
with slaked lime or an alkali? 

877. What compounds does phosphorus form with hydro¬ 
gen? Indicate the ways of preparing them. Compare their 
properties with those pf similar nitrogen compounds, 
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878. Write balanced equations of the following reactions: 

(a) P + Cl s 

(b) P + HNO a (conc) -v 

(c) P + Mg -*• 

(d) PH 8 + KMn0 4 + H 8 S0 4 H 8 P0 4 + 

(e) Mg s P* + HC1 -+■ 

879. Characterize the relation of diphosphorus trioxide 
to water (a) in the cold, and (b) when heated. 

880. How can orthophosphoric acid be prepared (a) from 
free phosphorus, and (b) from calcium orthophosphate? How 
much phosphorus and how much calcium orthophosphate 
is needed to prepare 250 g of H 3 P0 4 ? 

881. Why is it impossible to precipitate silver orthophos¬ 
phate in strongly acidic or strongly basic solutions? 

882. Write balanced equations of the following reactions: 

(a) H s PO s + FeCl 3 + HCI -> H a PO„ + 

(b) H 8 P0 2 + I* + H,0 - 

(c) H s PO a -*■ PH 3 -f- 

(d) H s PO s + AgNO* + H s O - Ag + 

883. Indicate a way of preparing arsine and stibine. How 
are arsenic and antimony mirrors obtained? 

884. What arsenic compound is obtained when dilute 
sulphuric acid and zinc react with As 2 0 3 ? Write the equation 
of the reaction. 

885. Compare the physical and chemical properties of 
the hydrogen compounds of the nitrogen subgroup elements, 
indicating how the following properties change: (a) the 
boiling and melting points; (b) the thermal stability; (c) the 
oxidation-reduction properties; and (d) the acidic and basic 
properties. Name the reasons for these changes. 

886. How do the acidic and basic properties change in 
the series of hydroxides of arsenic(III), antimony(III), and 
bismuth(III)? How can the sparingly soluble Sb(OH) 3 and 
Bi(OH) 3 be separated from each other? 

o87. Why does an SbCl 8 solution become turbid when 
diluted with water? How can it be made transparent again 
without filtering it? Write the molecular and net ionic 
equations of the relevant reactions. 
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888. What substances form when concentrated HNO s 
is reacted with As a S 3 ? Write the equation of the reaction. 

889. What substances are known as thioacids? Write the 
net ionic equations of the reactions for preparing the am¬ 
monium salts of thioarsenous and thioantimonic acids. 

890. A mixture of the sulphides As a S 3 , Sb z S 3 , and Bi a S 3 
was treated with a sodium sulphide solution. Which sulphide 
remained undissolved? Write the equations of the sulphide 
dissolving reactions. 

891. Write the equations of the consecutive reactions by 
means of which it is possible to obtain (a) sodium thioaoti- 
monate from SbCl 3 , and (b) thioarsenate from Na 3 As0 4 . 

892. Bismuth dissolves readily in dilute nitric acid, 
but does not dissolve in hydrochloric and dilute sulphuric 
acids. What conclusion can be arrived at from these facts 
with respect to bismuth’s place in the electromotive series? 

893. How can sodium bismuthate be prepared? What 
properties does this compound have? Write the equation of 
the reaction of sodium bismuthate with manganese(II) 
nitrate in a nitric acid solution. 

894. Write balanced equations of the following reactions: 

(a) SbCl 8 + HC1 + Zn -> 

(b) AsH, + KMnOj + H*SO* -*• H a As0 4 + 

(c) Sb s S 3 + HNO s (conc) -* 

(d) As 2 S 3 + (NH 4 ) Z S -h- 

(e) SbjS 3 + {NH 4 ) a S a -*■ 

(f) BiGlg + K a SnO s + KOH -► Bi + 

(g) Bi(OH), + Br, + KOH -> KBiO g + 

(h) NaBi0 3 + Mn(NO a ) a + HNO, HMn0 4 + 

REVIEW QUESTIONS 

895. Which of the following molecules are paramagnetic? 
(a) NO; (b) NO a ; (c) N 2 0 3 ; (d) N a 0 4 ; (e) N a 0 5 ; (f) N a O. 

896. Which of the following compounds can combine with 
chlorine? (a) NO a ; (b) NH S ; (c) NO; (d) NH a OH. 

Because (1) chlorine is an oxidizing agent; (2) nitrogen 
has an unshared pair of electrons; (3) the molecule is para¬ 
magnetic, while the nitrogen is tetracovalent; (4) the mole¬ 
cule is paramagnetic, while the covalence of nitrogen is 
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less than four; (5) the molecule is diamagnetic, while the 
covalence of nitrogen is less than four. 

897. Which of the following compounds are capable of 
a dimerization reaction? (a) N0 2 ; (b) NOC1; (c) N 2 H 4 ; 

(d) N 2 0. 

Because (1) the oxidation state of nitrogen in this com¬ 
pound is not maximum; (2) nitrogen has an unshared pair 
of electrons; (3) the molecule is paramagnetic. 

898. Which of the following substances are intramolecular 
oxidation-reduction reactions characteristic of? (a) KNO s ; 
(b) KNO a ; (c) (NH 4 ) 2 Cr 2 0 7 ; (d) (NH 4 ),P0 4 . 

Because (1) nitrogen in the given substance exhibits 
oxidation-reduction duality; (2) gaseous products are liberat¬ 
ed in decomposition; (3) the molecule in addition to the 
nitrogen atom that is an oxidizing agent contains an atom 
that is a reducing agent; (4) the molecule in addition to the 
nitrogen atom that is a reducing agent contains an atom 
that is ah oxidizing agent. 

899. Is a hydroxylamine chloride solution (a) acidic; 
(b) neutral; (c) basic? 

Because (1) the molecule includes an —OH group; (2) salt 
hydrolysis proceeds; (3) the nitrogen in this compound is 
tetravalent and does not combine with a hydrogen ion. 

900. With which of the following substances does con¬ 
centrated nitric acid react? (a) P 2 O s ; (b) HC1; (c) Cl 2 ; (d) I 2 ; 

(e) GaO; (f) Cu; (g) Al; (h) C0 2 , (i) HP0 3 . 

Here the nitric acid exhibits (1) acid properties; (2) oxidiz¬ 
ing properties; (3) neither acid nor oxidizing properties. 

901. Which of the following reactions can be used to 
prepare metaphosphoric acid? 

20 °C t 

(a) P 2 O b +H s O -» (c) H g P0 4 -> 

80'C 

(b) P-fHNO s (conc) —> (d) P 8 0 6 +H a O-> 

902. Which of the following reactions can be used to 
prepare phosphorous acid? 

20 °C 

(a) P 2 O s + HjO-» 

80 “C 

(b) p 8 o„+h 2 o-> 

(c) P + HNO,(conc) -* 
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903. What relationship between the pH’s of solutions oi 
the salts SbCl 3 (pH 4 ) and BiGl 3 (pH a ) having equal molar 
concentrations is correct? (a) pH x < pH 2 ; (b) pH! = pH a ; 
(c) pH, > pH a . 

Because (1) the degree of hydrolysis depends on the con¬ 
centration of the solution; (2) the salt formed by the weaker 
base becomes hydrolyzed to a greater degree. 

6. Carbon and Silicon 

904. Describe the allotropic modifications of carbon and 
indicate the reason for the difference in their properties. 

905. What types of AO hybridization are characteristic 
of carbon? Describe the structure of the molecules CH 4 , 
C a H g , C a H 4 , and C a H a from the angle of view of the valence 
bond method. 

906. Characterize the physical and chemical properties 
of carbon dioxide and the fields of its practical use. Write 
the equations of the reactions of CO a with an alkali solution 
when the CO a is present in excess and in an insufficient 
amount. 

907. What equilibria set in in an aqueous CO a solution? 
How does elevation of the temperature of the solution affect 
the shifting of these equilibria? Can a 1 N solution of car¬ 
bonic acid be prepared? 

908. Can a neutral solution be prepared by adding a 
strictly equivalent amount of an alkali to a carbonic acid 
solution? Motivate your answer. 

909. Why is marble reacted with hydrochloric acid in¬ 
stead of sulphuric acid when carbon dioxide is being pro¬ 
duced from it? What volume of CO a (in standard conditions) 
can be obtained from 1 kg of marble containing 96 % CaCO n ? 

910. Write the molecular and net ionic equations of the 
hydrolysis of Na a C0 3 , KHC0 3 , and (NH 4 ) a C0 3 . Indicate 
whether the solution is neutral, acidic, or basic. 

911. Calculate the pH of a 0.01 M potassium carbonate 
solution. 

912. To produce soda, an NaOH solution was divided into 
two equal portions, one of them was saturated with CO a 
and then mixed with the other portion. What substance was 
formed after saturation of the first portion? What reaction 
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occurred when the first portion was mixed with the second 
one? Write the equations of the reactions. 

913 . How can C0 2 be freed of an S0 2 admixture by chem¬ 
ical means? 

914. How is soda produced by the Solvay process? Does 
the sequence of saturating the solution (what solution?) with 
carbon dioxide and ammonia matter? Can potash be pro¬ 
duced in a similar way? Substantiate your answer. 

915. What volume of C0 2 (in standard conditions) can be 
prepared from 210 g of NaHC0 3 (a) by roasting, and (b) by 
reaction with an acid? 

916. Describe the properties of carbon monoxide, indi¬ 
cating (a) the electron configuration of the molecule from 
the angles of view of the valence bond and molecular orbital 
methods; (b) the relation to water and to aqueous solutions 
of acids and alkalies; and (c) its oxidation-reduction 
properties. 

917. In what cases is CO formed in the combustion of 
coal? Why is there a smaller danger of carbon monoxide 
appearing when a stove is shut with diminishing of the 
temperature of the coals? To motivate your answer, use 
Table 5 of the Appendix. 

918. Proceeding from A H° of formation of C0 2 , CO, and 
steam, prove that the process of generator gas production is 
exothermic, and that of water gas production endothermic. 

919. Calcium carbide is produced by the reaction CaO + 
+ C ->-CaC s -f CO. Calculate the mass of CaO needed to 
produce 6.4 tonnes of CaC*. What volume of CO is produced 
(in standard conditions)? 

920. Indicate the composition and properties of hydro¬ 
cyanic acid. Why must salts of this acid be stored in tightly 
closed vessels? Explain your answer with reaction equations. 

921. Give a brief description of silicon, indicating (a) 
the electron configuration of the atom and its valence abilities, 
and (b) the chemical properties of free silicon. 

922. Describe the physical and chemical properties of 
silicon dioxide, its relation to water, acids, and alkalies. 

923. In what direction and why will equilibria shift (a) 
in the saturation of an aqueous solution of sodium silicate 
with carbon dioxide, and (b) when a mixture of Na a CO a 
and Si0 2 is roasted? 
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924. What acid cannot be stored in an ordinary glass 
vessel or in one of quartz glass? Why? 

925. Write equations of reactions of silicon halide hy¬ 
drolysis. What is a feature of hydrolysis of SiF 4 ? Can the 
hydrolysis of CC1 4 follow this reaction? Motivate your 
answer. 

926. Write the equation of hydrolysis of Na a SiO s . How 
will the degree of hydrolysis of Na a Si0 8 change when am¬ 
monium chloride is added to the solution? 


REVIEW QUESTIONS 

927. What type of hybridization of carbon’s atomic 
orbitals can be used to describe the structure of the C0 2 
molecule? (a) sp; (b) sp*; (c) sp a ; (d) no hybridization occurs. 

Because (1) the covalence of carbon in this compound is 
four; (2) the molecule is not polar; (3) the multiplicity of 
the carbon-oxygen bond is greater than unity. 

928. Which of the following gases when passed through 
an alkali solution react with it? (a) CO; (b) C0 2 ; (c) HCN; 
(d) CF 4 . 


7. Group I Metals 

929. How do the radii and ionization potentials of the 
alkali metal atoms change with an increasing atomic number 
of the elements? Explain the regularities observed on the 
basis of the electron configuration of the atoms. 

930. How can we explain the different sequence in the 
arrangement of the alkali metals in the electromotive series 
and in the periodic table? 

931. How and why do the basic properties change in the 
series LiOH-CsOH? 

932. How are the differences in the properties of the main 
and secondary subgroup elements of Group I explained? 

933. Why is the radius of the Cu + ion smaller than that 
of the K + ion? Which of these ions has a greater polarizing 
power? 

934. In what does the electrolytic method of producing 
alkali metals differ from that of producing alkali metal 



Properties of Elements and Compounds 


239 


hydroxides? What electrochemical processes occur in both 
cases? 

935. How can potassium hydroxide, hypochlorite, and 
chlorate be produced by the electrolysis of potassium chloride 
solutions? Write the equations of the relevant reactions. 

936. Commercial sodium hydroxide often contains a 
considerable admixture of soda. How can this be detected? 
How can an NaOH solution be freed of this impurity? 
Compile the equations of the relevant reactions. 

937. The reaction of 10 g of sodium amalgam with water 
produced an alkali solution. To neutralize the latter, 50 ml 
of a 0.5 N solution of an acid were needed. Determine the 
per cent content of sodium (by mass) in the amalgam. 

938. A precipitate of AgCl with a mass of 0.2850 g was 
obtained from a mixture of KC1 and NaCI with a total mass 
of 0.1225 g. Calculate the per cent content (by mass) of the 
KC1 and NaCI in the mixture. 

939. Write the equations of the reactions for preparing 
(a) sodium silicate; (b) sodium acetate; (c) sodium nitrate; 
(d) sodium hydrogen sulphate; and (e) sodium sulphite from 
sodium carbonate. 

940. The decomposition of KC10 S yielded 3.36 litres of 
oxygen (in standard conditions). What amount of heat was 
liberated? 

941. What volume of hydrogen measured at 25 °C and 
755 mmHg (100.7 kPa) will be liberated when 1 g of an alloy 
consisting of 30% (mass) potassium and 70% (mass) sodium 
is reacted with water? 

942. Calculate the amount of heat that will be evolved at 
25 °C when 8 g of sodium hydride react with water. Take 
the standard enthalpies of formation of NaH and NaOH 
equal to —56.4 kJ/mol and —425.9 kJ/mol. 

943. Write balanced equations of the following reactions: 

(a) Na*O t + KI + HjSO, -**> (c) K + O t (excesa) 

(b) LigN + H,0 (d) KNO, -i 

944. Name the most important alloys of copper and 
indicate their approximate composition. 

945. Write the equations of the reactions of copper with 
dilute; (1:2) and concentrated nitric acid. Why doesn’t 
copper dissolve in hydrochloric acid? 
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946. How do copper salts react with solutions of alkalies 
and ammonium hydroxide? 

947. What processes occur in the electrolysis of a copper 
sulphate solution (a) with copper, and (b) with platinum 
electrodes? 

948. Write the equations of the reactions involving the 
dissolution of copper hydroxide in an acid and in an am¬ 
monia solution. 

949. Write balanced equations of the following reactions: 

(a) Ag,0 + H,O g -»- 

(b) AgBr + Na,S,0,(excess) 

(c) Cu -f KCN + HgO -*• 

950. Why is silver ammine unstable in acidic solutions? 

951. How can you explain the fact that when sodium 
chloride reacts with a K[Ag(CN)J solution, no silver chloride 
precipitates, whereas sodium sulphide with the same solution 
yields a precipitate of Ag 2 S? 

952. Explain why AgCl, AgBr, and Agl dissolve well in 
a KCN solution, while only AgCl and AgBr dissolve in an 
ammonia solution. 

953. Write balanced equations of the following reactions: 

(a) Au(OH), + HCl(conc) -* 

(b) AuCl, + H a O, + KOH 

(c) AuCl, + SnCl, + H,0 -> 

(d) Au + NaCN + 0, + H,0 -> 

(e) Au + HC1 + HNO, -> II [AuClJ + 

954. In which compound—KCI or AgCl—-is the chemical 
bond of a more covalent nature? How can this be explained? 

955. A small piece of a silver coin with a mass of 0.300 g 
was dissolved in nitric acid and the silver precipitated from 
the solution obtained as AgCl. The mass of the precipitate 
after washing and drying was 0.199 g. What was the silver 
content in per cent (mass) of the coin? 

956. A sample of brass with a mass of 1.6645 g yielded 
1.3466 g of Cu(SCN) 2 and 0.0840 g of SnO, when analysed. 
Calculate the content of the copper, tin, and zinc in the 
sample in per cent. 
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REVIEW QUESTIONS 

957. Which of the following compounds react with an 
ammonia solution? (a) Cu(OH) 2 ; (b) AgCl; (c) Agl. 

958.1s a potassium carbonate solution (a) acidic; (b) neu¬ 
tral: (c) basic? 

959. With which of the following substances does con¬ 
centrated HNO a react? (a) NaOH; (b) CuO; (c) Ag; (d) KG1. 

Here the nitric acid exhibits (1) acid properties; (2) oxi¬ 
dizing properties. 

960. What is the relationship between the pH’s of iso- 
molar solutions of NaHSO s (pH,) and Na 2 S0 3 (pH 2 )? (a) 
pH, > pH a ; (b) pH, = pH a ; (c) pH, < pH a . 

961. The addition of which of the following substances 
intensifies the hydrolysis of sodium carbonate? (a) NaOH; 
(b) ZnCl a ; (c) H a O; (d) K 2 S. 

962. In the electrolysis of an aqueous NaOH solution, 
2.8 litres of oxygen were liberated at the anode (in standard 
conditions). How much hydrogen was liberated at the 
cathode? (a) 2.8 litres; (b) 5.6 litres; (c) 11.2 litres; (d) 22.4 
litres. 

963. What are the products of the reaction between potas¬ 
sium iodide and copper(ll) chloride if: 

Cu a+ -f I-+ e-^CuI 9 ° = 0.86 V 
I* + 2e“ ** 21- 9 ° = 0,54 V 

Cl, -f- 2e- ** 2CI- 9 ° = 1.36 V 

(a) Cul a and Cl a ; (b) Cul a and KC1; (c) Cul and Cl 2 ; (d) Cul 
and I 2 ; (e) the reaction is impossible. 

8. Group II Metab. Wafer Hardness 

964. Consider the features of the structure of atoms of 
Group II elements. How dbes the first ionization potential 
change with an increasing atomic number of the elements in 
the main and secondary subgroups? 

965. Why is the first ionization potential of the beryllium 
atom (9.32 eV) higher than that of the lithium atom (5.39 eV), 
and the second ionization potential (18.21 eV) lower than 
that of the lithium atom (75.64 eV)? 


16-1022 



242 


Problems and Exercises in General Chemisfry 


966. How and why do the basic properties of the hydrox¬ 
ides of the main subgroup metals of Group II change when 
going from Be(OH) a to Ba(OH) a ? 

967. How does the similarity in the chemical properties 
of beryllium and aluminium manifest itself? What causes, 
this similarity? 

968. Give the electron configuration and the geometrical 
structure of the BeCl a molecule. In what hybridization state 
is the beryllium atom in the BeCI a molecule? How will the 
type of hybridization change when BeCl a transforms to the 
solid state? 

969. Write the formulas, of potassium tetrahydroxoberyl- 
late and sodium tetrafluoroberyllate. How can these com¬ 
pounds be prepared? 

970. Is calcium stable in oxygen, fluorine, nitrogen, 
carbon dioxide, and water vapour? Substantiate your answer 
by calculating the change in the Gibbs energy in the rele¬ 
vant processes. 

971. Can calcium be obtained by reducing its oxide with 
aluminium? Substantiate your answer by calculating the 
Gibbs energy of the reaction. 

972. Write the equations of the reactions of calcium 
hydride with (a) oxygen, and {b) water. 

973. Calculate AG° 8< for the reaction of combustion of 
magnesium in carbon dioxide. Can this reaction proceed 
spontaneously? 

974. What products form when magnesium burns in air? 
Write the equations of their reactions with water. 

975. Using Table 5 of the Appendix, calculate the amount 
of heat that is liberated in the slaking of 1 kg of lime. 

976. Which of the two possible reactions: 

(a) N s O + 3Mg=Mg a N, + -|-O a 
<b) NjO + Mg = MgO + N„ 

is more probable when magnesium reacts with N a O? 
Substantiate your answer with calculations. 

977. The roasting of 30 g of a calcium sulphate crystal 
hydrate yields 6.28 g of water. What is the formula of the 
crystal hydrate? 
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978. When 5.00 g of GaO containing an admixture of 
CaC0 8 were dissolved in an acid, 140 ml of gas measured in 
standard conditions were liberated. What per cent of CaCOj 
(by mass) was contained in the initial sample? 

979. Write balanced equations of the following reactions: 

(a) Ba(OH), + H,0, -► (d) Mg + HNO„(dil) -+• 

(b) Be + NaOH -+■ (e) BaO, + FeSO* + H t SO« -*• 

(c) BaO, -f- H,SO« -* 

980. Give equations of reactions pointing to the ampho* 
teric nature of beryllium and zinc hydroxides. 

981. Compare the relation of zinc, cadmium, and mercury 
to dilute and concentrated acids: (a) hydrochloric; (b) sul¬ 
phuric; and (c) nitric. Write the equations of the relevant 
reactions. 

982. What happens when zinc and cadmium hydroxides 
are reacted with solutions of (a) an alkali, and (b) ammonia? 

983. When 1.56 g of a mixture of zinc carbonate with 
zinc oxide were roasted, 1.34 g of zinc oxide were obtained. 
Calculate the composition of the initial mixture (in per 
cent by mass). 

984. Find the amount of heat that will be absorbed in 
the reduction of 1 kg of-zinc oxide with graphite. Disregard 
the dependence of-the enthalpy of the reaction on the tem¬ 
perature. 

985. A piece of brass was dissolved in nitric acid. The 
solution was divided into two parts: an excess of ammonia 
was added to one of them, and an excess of an alkali to the 
other. Will the zinc and the copper be in the solution or in 
a precipitate in these two cases, and in the form of what 
compounds? 

986. Metallic mercury often contains admixtures of 
“unnoble” metals—zinc, tin, and lead. To remove them, the 
mercury is treated with an Hg(N0 8 ) a solution. What is this 
method of purifying mercury based on? 

987. How can the only slight dissociation of mercury(II) 
chloride in a solution be explained? 

988. Write balanced equations of the following reactions: 

(a) Zn + NaOH 

(b) Zn + NaNO s + NaOH -+• NH S + 

(c) Hg + HNO,(excess) ~> 


16 * 
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(d) Hg(exeess) + HN0 3 -*■ 

(e) Hg(NO s ) g + H a S — 

(f) Hg(N0 8 ) a Kl(excess) -»• 

989. The presence of what salts in natural water under¬ 
lies .its hardness? What chemical reactions occur when 
(a) Na a C0 3 ; (b) NaOH; and (c) Ca(OH) a are added to hard 
water? Consider the cases of permanent and temporary 
hardness. 

990. How many grams of Ca(OH) a must be added to 
1000 litres of water to eliminate a temporary hardness equal 
to 2.86 meq/1? 

991. Calculate the temporary hardness of water knowing 
that 5 ml of a 0.1 TV solution of HC1 were needed for the 
reaction with the hydrogen carbonate contained in 100 ml 
of this water. 

992. What is the temporary hardness of water, one litre 
of which contains 0.146 g of magnesium hydrogen car¬ 
bonate? 

993. The hardness of water containing only calcium hydro¬ 
gen carbonate is 1.785 meq/1. Determine the mass of the 
hydrogen carbonate in one litre of water. 

994. How much sodium carbonate must be added to 
5 litres of water to eliminate a total hardness of 4.60 meq/1? 

995. One litre of water contains 38 mg of Mg a+ ions and 
108 mg of Ca 2+ ions. Calculate the total hardness of the 
water. 

996. When 250 ml of water containing calcium hydrogen 
carbonate were boiled, a precipitate with a mass of 3.5 mg 
formed. What was the hardness of the water? 

997. What is the essence of the ion-exchange method of 
eliminating water hardness? 

REVIEW QUESTIONS 

998. With which of the following substances will hydro¬ 
chloric acid react? (a) Zn; (b) Hg; (c) HgS; (d) Cd(OH) a ; 
(e) Zn(NO a ) a ; (f) Zn(OH) a . 

999. With which of the following compounds will Zn(OH) a 
react? (a) NaCl; (b) H a S0 4 ; (c) NH 4 0H; (d) KOH; (e) 
Fe(OH) 3 . 
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1000. In which solutions are the reducing properties of 
zinc exhibited more strongly if 


Zn•+ + 2e- = Zn 9 ° = -0.76 V 

ZnO|~ + 2H a O + 2a- - Zn + 40H" 9 0 = -1.26 V 

(a) in acidic solutions; (b) in basic solutions. 

1001. The values of the standard electrode potentials for 
the systems Zn/Zn s+ and Cd/Cd s+ are —0.76 Y and —0.40 V, 
respectively. Which reaction proceeds spontaneously in a 
cadmium-zinc galvanic cell? (a) Zn + Cd 2+ — Cd + Zn 2+ ; 

(b) Cd + Zn 2+ = Zn + Cd 2+ . 

1002. The reaction Fe -f Cd 2+ -vCd + Fe 2+ proceeds 
spontaneously in a galvanic cell. Which electrode is the 
anode? (a) The iron one; (b) the cadmium one. 

1003. Proceeding from the positions of Mg and Be in the 
periodic table, state which relationship between the hy¬ 
drolysis constants of the salts MgCl 2 and BeCl 4 is correct, 
(a) ^(MgClj) > J£(BeCI 2 ); (b) #(MgCl 2 ) = tf(BeCl 2 ); (c) 
*(MgCli) < *(BeCl a ). 

9. Group III Elements 

1004. Consider the features of the structure of the atoms 
of the main subgroup elements of Group III. What valence 
states are characteristic of these elements? How do their 
metallic properties change with an increasing atomic num¬ 
ber of the element? 

1005. How does the similarity between the chemical 
properties of boron and silicon manifest itself? What is this 
similarity explained by 

1006. Describe the electron configuration of diborane. 
Are the properties of all the hydrogen atoms in the B S H # 
molecule the same? Motivate your answer. 

1007. What changes does orthoboric acid experience when 
heated? Write the equations of the relevant reactions. 

1008. Write the formulas of sodium metaborate, tetra¬ 
borate, and boride. 

1009. Why does aluminium displace hydrogen from water 
only when an alkali is added? Write the equations of the 
relevant reactions. 
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1010. Write the equations of the reactions of aluminium 
sulphate with solutions of (a) (NH 4 ) a S, (b) Na a CO s , and 

(c) KOH (excess). 

1011. What mass of aluminium nitride is needed to 
produce 3 litres of ammonia (in standard conditions)? 

1012. What is the difference between the action of excess 
NH„OH and aqueous solutions of NH 3 and NaOH on a solu¬ 
tion of AIC1 3 ? Write the equations of the relevant reactions. 

1013. Using Table 5 of the Appendix, establish whether 
or not the reaction 4A1 -f- 3CO a = 2A1 2 0 3 -J- 3C can pro¬ 
ceed spontaneously. 

1014. In operation of the galvanic cell 

A11 A1 9 (S0 4 ) 3 || Cr 2 (S0 4 )j | Cr 

31.2 g of chromium were reduced at the cathode. Determine 
by how much the mass of the aluminium electrode di¬ 
minished. 

1015. Compare the masses of calcium hydride and metallic 
aluminium needed to prepare 50 litres of hydrogen. 

1016. How can (a) aluminium hydroxide, (b) barium sul¬ 
phate, and (c) potassium aluminate be prepared from am¬ 
monium alum? Write the equations of the relevant reactions. 

1017. Write balanced equations of the following reactions: 

(a) B + HNO„(conc) -* 

(b) Na a B 4 0 7 + H 2 S0 4 + H,0 

(c) HjBO, + NaOH — 

(d) A1 2 (S0 4 ) 3 + Na 2 S + H 2 0 - 

(e) Al + NaOH + H 2 0 

(f) A1C1, + Na 2 C0 3 + H a O -*■ 

1018. What oxidation states are characteristic of the 
gallium subgroup elements? In what oxidation state are 
gallium and indium compounds more stable, and in what 
state those of thallium? 

1019. How can the inclination of aluminium halide 
molecules to dimerize be explained? 

1020. Calculate the solubility of Tl a Cr0 4 if the value of 
K sp for this salt at 20 °C is 9.8 X 10 -18 . 

1021. How can the similarity of the chemical properties 
of the lanthanides be explained? 

1022. What is lanthanide contraction? How does it affect 
the properties of the sixth-period d elements? 
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REVIEW QUESTIONS 

1023. Can a reaction occur between BF 3 and NH S ? (a) Yes; 
(b) no. 

Because (1) in the NH 8 molecule, the outer electron layer 
of the nitrogen atom is completely filled by electrons; (2) a 
donor-acceptor bond can be formed between the NH 3 and 
BF 9 molecules. 

1024. With which of the following,compounds will KOH 
react? (a) H 3 BO s ; (b) Na 2 B 4 0 7 ; (c) A1 2 0 3 , (d) A1C1 3 ; (e) 
Ga(OH) 3 . 

1025. The addition of which substances will intensify 
the hydrolysis of A1C1 S ? (a) H 2 S0 4 ; (b) ZnCl 2 ; (c) (NH 4 ) 2 S; 
(d) Zn. 

1026. What products are formed when AIC1 3 and Na 2 C0 3 
react in an aqueous solution? (a) A1(QH) 3 and C0 2 ; (b) 
Al a (CO s ) 3 and NaCl. 

1027. With which of the following substances will con¬ 
centrated HNO s react? (a) B; (b) AI; (c) Al(OH) 3 ; (d) 
Na 2 B 4 0 7 . 


10. Metals of Groups IV, V, VI and VII 

1028. Describe the relation of lead to air, water, and 
acids. Why doesn’t lead dissolve in dilute hydrochloric and 
sulphuric acids,, although it precedes hydrogen in the elec¬ 
tromotive series? 

1029. Name the oxides of germanium, tin, and lead. How 
do the acidic and basic properties of the hydroxides, change 
in the series Ge(OH) 2 -Pb(OH) 9 and Ge(0H) 4 -Pb(0H) ? ? 

1030. How do the oxidation-reduction properties of 
compounds change in the series Ge(II)-Pb(II) and Ge(IV)- 
Pb(IV)? 

1031. An. alloy of lead and tin was heated with con¬ 
centrated HN0 3 until the reaction stopped. The undissolved 
precipitate was filtered off, dried, and roasted. What is the 
composition of the residue? What is in the solution? 

1032. Why are the lead oxides Pb 2 0 3 and Pb 3 0 4 called 
mixed? Indicate the oxidation state of lead in these com¬ 
pounds. 

1033. Why is the water acidified with hydrochloric acid 
when preparing an SnCl 2 solution? 
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1034. How can sodium thiostannate be prepared proceed¬ 
ing from metallic tin? 

1035. Using Table 5 of the Appendix and by considering 
the process 2MO -j- 0 2 = 2M0 2) make a conclusion as to the 
comparative stability of the different oxidation states of 
tin and lead. 

1036. How can alpha- and beta-stannic acids be prepared? 
What is the difference between their properties? 

1037. Write the formulas of tetrahydroxostannate(II), 
hexahydroxostannate(IV), hexahydroxoplumbate(IV), hexa- 
hydroxoplumbate(II), and sodium thiostannate. How can 
these compounds be prepared? 

1038. Write balanced equations of the following reactions: 

(a) Ge + HNO s — 

(b) Sn + HN0 3 — 

(c) Sn + KOH 

(d) Pb + KOH -v 

(e) PbO a + HC1 — 

1039. Write balanced equations of the following reactions: 

(a) Pb 3 0 4 + KI + H,S0 4 — 

(b) SnCl 2 + FeCl 3 — 

(c) SnCl a + K,Cr g 0 7 + H„S0 4 — 

(d) Pb„0 4 + Mn(NO s ) 2 + HNO s — 

(e) Pb(CH s COO) 2 + CaOCl, + H,0 — 

1040. Write the equations of the reactions proceeding at 
the electrodes of a lead accumulator when it is. being charged 
and discharged. 

1041. Compare the properties of the vanadium subgroup 
elements with those of the elements of (a) the main sub¬ 
group of Group V; (b) the titanium subgroup; and (c) the 
chromium subgroup. 

1042. How can one explain the closeness of the atomic 
radii of niobium and tantalum, molybdenum and tungsten, 
and technetium and rhenium? 

1043. Substantiate the arrangement of chromium, molyb¬ 
denum, and tungsten in Group VI. In what are these ele¬ 
ments similar to those in the main subgroup? 
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1044. Describe the properties of chromium, indicating (a) 
its place in the periodic table and the structure of its atom; 
(b) the relation of metallic chromium to air, water, and 
acids; and (c) the composition and nature of chromium oxides 
and hydroxides. 

1045. What chromium compounds are characterized by 
oxidizing properties? Give examples of reactions in which 
these properties manifest themselves. 

1046. In what solution—acidic or basic—are the oxidizing 
properties of chromium(VI) more pronounced? The reducing 
properties of chromiurn(III)? How can this be explained? 

1047. What happens when a sodium sulphide solution is 
added to a solution of (a) chromium(II) chloride, and (b) 
chromium(III) chloride? Write the equations of the reac¬ 
tions. 

1048. Compile the equations of the reactions of chro- 
mium(III) chloride with (a) bromine, and (b) hydrogen 
peroxide in a basic solution. 

1049. How can potassium chrome alum be prepared if 
potassium dichromate is used as a reactant? Find the mass 
of the K 2 Cr 2 0 7 needed to prepare 1 kg of the alum. 

1050. Why do precipitates having the same composition 
form when barium salts react with potassium chromate and 
dichromate solutions? 

1051. Are aqueous potassium chromate and dichromate 
solutions neutral, acidic, or basic? Substantiate your answer. 

1052. How can the following transformations be carried 
out: Cr 2 0 3 —v K 2 Cr0 4 —KK 2 Cr 2 0 7 —^ Cr 2 (SO 4 ) 3 —> . 

-> K 3 [Cr(OH)„|? 

1053. How many litres of chlorine (in standard conditions) 
evolve when one mole of sodium dichromate reacts with 
excess hydrochloric acid? 

1054. Write balanced equations of the following reac¬ 
tions: 

(a) NaCrO* + PbO a + NaOH -*■ 

(b) CrCl s + NaBiO s + NaOH 

(c) Cr 2 (S0 4 )„ + Br a + NaOH 

(d) K a Cr a O, + SO a + H a S0 4 

(e) K a Cr a 0 7 + FeS0 4 + H a S0 4 -» 

(f) FeO.Cr a O s + O a -f-K a CO„Fe^+K.CrO.+COj 
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1055. Indicate the differences in the structure of atoms 
of the manganese and halogen subgroup elements. In what 
oxidation states do these elements display the greatest simi¬ 
larity in their properties? 

1056. How many grams of potassium permanganate are 
needed to oxidize 7.60 g of FeSO* in a neutral and in an 
acidic solution? 

1057. Write the equations of the reactions in which man¬ 
ganese compounds exhibit (a) oxidizing properties; (b) re¬ 
ducing properties; and (c) oxidizing and reducing properties 
simultaneously. 

1058. How can compounds of manganese(VI) be prepared 
from compounds with a higher and a lower oxidation state 
of this element? 

1059. Write the equation of the thermal decomposition 
of potassium permanganate. What kind of oxidation-reduc¬ 
tion transformation does this reaction belong to? 

1060. Can a solution be prepared that simultaneously 
contains Sn 2+ and Hg a+ ; Sn 2+ and Fe 3+ ; SO 2- and MnO;; 
Cr a OJ" and SOJ"? Indicate which combinations of ions are 
impossible and why. 

1061. Write balanced equations of the following reactions: 

(a) KMn0 4 + K,SO, + H 2 S0 4 -» 

(b) KMnO* + K*S0 9 + H s O — 

(c) KMnO* + K 2 SO„ -f KOH -*• 

(d) KMn0 4 + H 2 0 2 + H 2 S0 4 

1062. Write balanced equations of the following reactions: 

(a) KMn0 4 + HCI(conc) -*• 

(b) KMn0 4 + H,S + H a O 

(c) Mn0 2 + HCl(conc) 

(d) KMU0 4 + KI + HjS0 4 

(e) MnS0 4 + (NH 4 ) 2 S 2 O g + H t O + 

1063. Write balanced equations of the following reactions: 

(a) KMn0 4 + MnS0 4 + H a O -+■ 

(b) MnS0 4 + NaBrO„ + HNO, 

(c) MnS0 4 + Br 2 + NaOH 

(d) K 2 Mn0 4 + H 2 S0 4 -»• 

(e) MnS0 4 -f- PbO s + HN0 3 

(f) H 2 Mn0 4 + KNOj -* 



Properties of Elements and Compounds 


261 


REVIEW QUESTIONS 

1064. What is the relationship between the pH’s of iso- 
molar solutions of Sn(NO a ) a (pHi) and Pb(N0 8 ) a (pH a )? 
(a) pR, > pH a ; (b) P H X = P H a ; (c) p^ < pH a . 

1065. What is the relationship between the degrees of 
hydrolysis h for isomolar solutions of CrCl a (A x ) and CrCl s 
(^a)? (a) hi > h 2 \ (b) hi — h 2 ‘, (c) hy <z, h 2 . 

1066. How can the degree of hydrolysis of SnCl a be 
diminished? (a) By heating.the solution; (b) by adding acid; 
(c) by decreasing the pH of the solution. 

1067. What reaction can be used to produce lead(II) 
hydroxide? (a) That of the free metal with water; (b) that 
of the oxide PbO with water; (c) that of a salt of lead(II) 
with an alkali. 

1068. Which of the following processes occurs at the 
tin electrode in the electrolysis of an aqueous solution of 
tin(II) chloride? 

(a) Sn = Sn 2+ + 2e~ <p° = —0.14 V 

(b) 2C1- *= Clj + 2e~ <p° = 1.36 V 

(c) 2H,0 = O a + 4H + + 2e- <p° = 1.23 V 

11. The Noble Gases. Group VIII Metals 

1069. Can hydrates of the noble gases such as Kr*6H a O 
be called chemical compounds? Substantiate your answer. 

1070. How many atoms does an argon molecule consist 
of if its density relative to air is 1.38? 

1071. Calculate the per cent content (by mass) of xenon 
in the compound XefPtFj. Name this compound. 

1072. What oxidation states are characteristic of the 
iron family metals? 

1073. What is the relation of iron, cobalt, and nickel to 
acids? 

1074. Write the equations of the reactions of iron(III), 
cobalt(III), and nickel(III) hydroxides with hydrochloric 
and sulphuric acids. 

1075. Write the equations of the reactions of an Na a CO s 
solution with FeCl a and FeCl a solutions. 

1076. How can one transform (a) an iron(III) salt into 
an iron(II) salt, and (h) an iron(II) salt into an iron(III) 
salt? Give examples of these reactions. 
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1077. Using Table 5 of the Appendix, establish which of 
the following reducing agents can reduce the Fe 8+ ion to 
the free metal: (a) Zn, (b) Ni, and (c) H 2 S. 

1078. When iron is produced from magnetite, one of the 
reactions proceeding in the blast furnace is: 

Fe s 0 4 + CO = 3FeO + CO. 

Using Table 5 of the Appendix, determine the heat effect 
of the reaction. In what direction will the equilibrium of 
this reaction shift upon elevation of the temperature? 

1079. Which of the following reactions characterizes the 
dissolving of metallic iron in a solution of hydrochloric acid 
with pH = 0? 

(a) Fe + 2HCI = FeCl. + H. 

(b) 2Fe + 6HC1 = 2FeCl s + 3H. 

1080. What iron and carbon alloys are called steels, and 
what—commercial irons? 

1081. Give a diagram of the chemical processes occurring 
in different parts of a blast furnace. Why is calcium carbon¬ 
ate added to the ore in producing iron? 

1082. List the ways you know of converting iron into 
steel. What chemical processes occur in this conversion? 

1083. Can iron(III) sulphide be produced by reacting (a) 
solutions of FeCl 3 and H 2 S, and (b) solutions of Fe(N0 3 ) 3 
and (NH 4 ) 2 S? Substantiate your answer. 

1084. In an aqueous solution, iron(II) sulphate is oxidized 
by the oxygen dissolved in the water to form the basic salt. 
Write the equation of the relevant reaction. 

1085. How is the corrosion of iron affected by its contact 
with other metals? What metal will be destroyed first on 
the damaged surface of tin-plated, galvanized, and nickel- 
plated iron? 

1086. What compounds are named ferrites and ferrates? 
Give examples. 

1087. The iron contained in 10 ml of an FeS0 4 solution 
being analysed was oxidized to iron(III) and precipitated 
in the form of the hydroxide. The mass of the roasted prec¬ 
ipitate was found to be 0.4132 g. Calculate the molar con¬ 
centration of the initial solution. 
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1088. Describe the electron configuration of the carbonyl 
compounds of iron and nickel. What are these compounds 
used for? 

1089. How does the stability to oxidation change in the 
series Fe(II)-Co(II)-Ni(II)? How does the oxidizing power 
change in the series Fe(III)-Co(III)-Ni(III)? 

1090. Write balanced equations of the following reac¬ 
tions: 

(a) Fe(OH) s + Cl 2 + NaOH(conc) 

(b) FeClg + KI 

(c) FeS a + HNOj(conc) 

(d) CoBr a + O a + KOH + H a O 

(e) FeSO s + HN0 3 (conc) 

(f) Ni(OH) a + HC1 ->■ 

1091. How do platinum and palladium react with hydro¬ 
gen? 

1092. What is obtained when Pt reacts with aqua regia? 
Write the equation of the reaction. 

1093. Name the following complex compounds: 

(a) [PdCljNHg] 

(b) K 8 [RuOHC1 5 ) 

(c) [RhI a (NH g ) s ] 

(d) [PtSOgfNHsJjBr* 

(a) (NH 4 ),[RhCl 8 ] 

(f) Na a [PdI 4 ] 

(g) [08(NH s ) 6 ]Br s 

(h) K 3 [IrCl a (NO a ) 4 ] 

REVIEW QUESTIONS 

1094. What is the relationship between the pH's of 
isomolar solutions of FeS0 4 (pH[) and Fe 8 (S0 4 ) 3 (pH 2 )? 
(a) pHi > pH 8 ; (b) pH! ~ pH a ; (c) pH] < pH 8 . 

Because (1) a salt formed by a weaker base hydrolyzes 
to a greater degree; (a) the degree of hydrolysis depends on 
the concentration of the solution. 

1095. In what direction does equilibrium shift in the 

system 2Fe + 3H 2 0(g) Fe 2 0 3 + 3H 2 when the pressure 
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is lowered? (a) To the left; (b) to the right; (c) equilibrium 
does not shift. 

1096. The addition of which substances will increase the 
hydrolysis of FeCl s ? (a) H 2 S0 4 ; (b) ZnCl 2 ; (c) (NH 4 ) 2 C0 3 ; 
(d) Zn. 

1097. What are the products of the reaction of sodium 
carbonate with an aqueous solution of Fe 2 (S0 4 ) 3 ? (a) Fe(OH) 3 
and C0 2 ; (b) Fe 2 (C0 3 ) 3 and Na 2 S0 4 . 

Because (1) an exchange reaction occurs; (2) mutual 
amplification of the hydrolysis of the two salts occurs. 

1098. With which of the following substances will 
iron(III) sulphate react in an aqueous solution? (a) Nal; 
(b) NaBr; (c) with neither of them; (d) with both of them. 
Here 

Fes+ + e~ = Fe*» <p° = 0.77 V 

I*(e) + 2e~ = 21- «p° = 0.54 V 

Br.(lq) + 2e~ = 2Br- f° = 1.07 V 

1099. What is the formula of cobalt carbonyl? (a) Co(CO) 4 ; 
(b) C0 2 (C0) 8 . 

Because (1) the cobalt atom in the ground state has three 
unpaired d electrons; (2) the cobalt atom in the excited 
state has four free valence orbitals; (3) the cobalt atom in 
the excited state has one unpaired electron. 
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Table 1 

Selected SI Units 



Unit 

Quantity 

Name Symbol 


Basic Units 



Length 

Metre 

m 

Mass 

Kilogram 


Time 

Second 

s 

Electric current 

Ampere 

A 

Temperature 

Kelvin 

K 

Amount of substance 

Mole 

mol 

Derived Units 



Volume 

Cubic metre 

in® 

Density 

Kilogram 
per cubic 
metre 

kg/m® 

Force, weight 

Newton 

N (kg-m/s*) 

Pressure 

Pascal 

Pa (N/m*) 

Energy, work, amount of heat 

Joule 

J(N-m) 

Power 

Watt 

W (J/s) 

Quantity of electricity 

Coulomb 

C(A-s) 

Electric voltage, electrical potential, 
electromotive force (e.m.f.) 

Volt 

V (W/A) 
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Table 2 

Conversion of Selected Non-System Units to SI Units 


Quantity 

Unit 

Conversion factor to SI 

Length 

Micrometre (pm) 

lXlQ -6 m 


Angstrom (A) 

1X10“ 10 m 

Pressure 

Physical atmosphere 
(atm) 

Millimetie of mercury 
(mmHg) or torr 

1.01325x10® Pa 


133.322 Pa 

Energy, work, 

Electron-volt (eV) 

1.60219X10" W I 

amount of 

Calorie (cal) 

4.1868 J 

heat 

Kilocalorie (kcal) 

4186.8 J 

Dipole moment 

Debye (D) 

3.33X10-®° Cm 


Table 3 

Values of Selected Fundamental Physical Constants 


Constant 

Symbol 

Numerical value 

Speed of light in free space 

c 

2.997 924 6x10® m/s 

Planck’s constant 

h 

6.62618x10-®* J-s 

Elementary electric charge 

e 

1.602189x10-“ C 

Avogadro’s constant 

N A 

6.022045x10*® mol' 1 

Faraday’s constant 

F 

9.64846x10® C/mol 

Molar gas constant 

R 

8.3144 J/(mol-K) 


Table 4 

Names of Most Important Acids and Their Salts 


Acid 

Name 

Name of salt 

HA10 a 

Meta-aluminic 

Meta-aluminate 

HAsO s 

Meta-arsenic 

Meta-arsenate 

H g As0 4 

Ortho-arsenic 

Ortho-arsenate 


Meta-arsenous 

Meta-arsenite 


Ortho-arsenous 

Ortho-arsenile 

HBO a 

Metaboric 

Metaborate 
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Table 4 ( continued) 


Acid 

Name 


Name of salt 

HjBO s 

Orthoboric 


Orthoborate 

h 2 b 4 o, 

Tetraboric 


Tetraborate 

HBr 

Hydrogen bromide 
drobromic) 

(by- 

Bromide 

HBrO 

Hypobromous 


Hypobromite 

HBrO a 

Bromic 


Bromate 

HCOOH 

Formic 


Formate 

GH # COOH 

Acetic 


Acetate 

HCN 

Hydrogen cyanide 
drocyanic) 

(hy- 

Cyanide 

h 2 co 3 

Carbonic 


Carbonate 

H 2 C 2 0 4 

Oxalic 


Oxalate 

HC1 

Hydrogen chloride 
drochloric) 

(by- 

Chloride 

HCIO 

Hypochlorous 


Hypochlorite 

HClOg 

Chlorous 


Chlorite 

HC10 S 

Chloric 


Chlorate 

HC10 4 

Perchloric 


Perchlorate 

HCrO a 

Metachromous 


Metachromite 

H a CrO t 

Chromic 


Chromate 

H 2 Cr 2 0 ? 

Dichromic 


Dichromate 

HI 

Hydrogen iodide 
driodic) 

(hy- 

Iodide 

HIO 

Hypoiodous 


Hypoiodite 

HIO s 

Iodic 


Iodate 

hio 4 

Periodic 


Periodate 

HMn0 4 

Permanganic 


Permanganate 

H a Mn0 4 

Manganic 


Manganate 

H 2 Mo0 4 

Molybdic 


Molybdate 

hn 8 

Hydrazoic 


Azide 

hno 2 

Nitrous 


Nitrite 

hno 8 

Nitric 


Nitrate 

hpo 8 

Metaphosphoric 


Metaphosphate 

h 8 po 4 

Orthophosphoric 


Orthophosphate 

h 4 p 2 0, 

Diphosphoric (pyrophos- 
phoric) 

Diphosphate (pyrophos¬ 
phate) 


17-1022 
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Table 4 {concluded) 


Add 

Name 

Name of salt 

H s PO s 

Phosphorous 

Phosphite 

HjPO a 

Hypophosphorous 

Hypophoephite 

HjS 

Hydrogen sulphide 

Sulphide 

HSCN 

Hydrogen thiocyanide 

Thiocyanide 

HjSOg 

Sulphurous 

Sulphite 

H a SO* 

Sulphuric 

Sulphate 

H a S a Og 

Thiosulphuric 

Thiosulphate 

H 2 S 207 

Disulphuric (pyrosul- 

Disulphate (pyrosul* 


phuric) 

phate) 

H.S.O. 

Persulphuric 

Persulphate 

HjSe 

Hydrogen selenide 

Selenide 

HjSeOj 

Selenous 

Selenite 

H a SeO a 

Selenic 

Selenate 

HjSlOg 

Silicic 

Silicate 

HVO, 

Vanadic 

Vanadate 

H a WO a 

Tungstic 

Tungstate 


Table 5 


Standard Enthalpies of Formation Entropies A*, 

and Gibbs Energies of Formation AGmi of Selected 
SubBtances at 298 K (25 *C) 


Substance 


®s»»* 


Al a O a (c) 

—1676.0 

50.9 

-1582.0 

C (graphite) 

0 

5.7 

0 

CC1 4 (lq) 

-135.4 

214.4 

-64.6 

CH a (g) 

-74.9 

186.2 

-50.8 

C f H a (g) 

226.8 

200.8 

209.2 

CaHg (g) 

52.3 

219.4 

68.1 

C a H 6 (g) 

—89.7 

229.5 

-32.9 

C 8 H.(lq) 

82.9 

269.2 

129.7 

C 2 H s OH (lq) 

-277.6 

160.7 

-174.8 

C»H 12 0 8 (glucose) 

-1273.0 

— 

-919.5 
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Table 5 (continued) 


Substance 


s° . 

898 * 

JAmol-K) 

AG .88> 

kJ/mol 

C0(g) 

-110.5 

197.5 

-137.1 

co,(g) 

-393.5 

213.7 

-394.4 

CaC0 3 (c) 

-1207.0 

88.7 

-1127.7 

CaF.(c) 

—1214.6 

68.9 

-1161.9 

Ca,N,(o) 

—431.8 

105 

-368.6 

CaO(c) 

-635.5 

39.7 

-604.2 

Ca(OH).(e) 

-986.6 

76.1 

—896.8 

Cl, (K) 

0 

222.9 

0 

01 .0(g) 

76.6 

266.2 

94.2 

C10.(g) 

105.0 

257.0 

122.3 

01.0.(15) 

251.0 

— 

— 

Cr.O, (c) 

-1440.6 

81.2 

—1050.0 

CuO (c) 

—162.0 

42.6 

-129.9 

FeO(c) 

-264.8 

60.8 

-244.3 

Fe.O. (c) 

-822.2 

87.4 

-740.3 

Fe.0 4 (c) 

-1117.1 

146.2 

-1014.2 

H.(g) 

0 

130.5 

0 

HBr (g) 

-36.3 

198.6 

-53.3 

HGN (g) 

-135.0 

113.1 

125.5 

HCl(g) 

-92.3 

186.8 

-95.2 

HF(g) 

-270.7 

178.7 

-272.8 

HI(g) 

28.6 

206.5 

1.8 

HN.(lq) 

294.0 

328.0 

238.8 

H.O(g) 

-241.8 

188.7 

-228.6 

H.0 Oq) 

-285.8 

70.1 

-237.3 

H.S(g) 

-21.0 

205.7 

-33.8 

KCl(c) 

-435.9 

82.6 

-408.0 

KCIO. (c) 

-391.2 

143.0 

-289.9 

MgCl.(c) 

-641.1 

89.9 

-591.6 

Mg.N. (c) 

-461.1 

87.9 

—400.9 

MgO (c) 

-601.8 

28.9 

-569.6 

N.(g) 

0 

191.5 

0 

NH,(g) 

-46.2 

192.6 

-16.7 

NH.NO. (c) 

-256 

— 

— 

NH.NO. (c) 

-365.4 

151 

-183.8 


17 * 
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Table 5 (concluded) 


Substance 

;>■; 

kj/moi 

AS» gl 
J/(moI ■ K) 

AG* 

kJ/mol 

N a O(g) 

82.0 

219.9 

104.1 

NO (g) 

90.3 

210.6 

86.6 

N a O, (g) 

83.3 

307.0 

140.5 

NO, (g) 

33.5 

240.2 

51.5 

N,0* (g) 

9.6 

303.8 

98.4 

NgO, (c) 

-42.7 

178.0 

114.1 

NiO (c) 

-239.7 

38.0 

-211.6 

Ogfe) 

0 

205.0 

0 

OF,(g) 

25.1 

247.0 

42.5 

P*0,(c) 

-820 

173.5 

— 

PgO,(c) 

-1492 

114.5 

-1348.8 

PhO (c) 

-219.3 

66.1 

-189.1 

PbO, (c) 

-276.6 

74.9 

-218.3 

SO,(g) 

-296.9 

248.1 

-300.2 

SO, (g) 

-395.8 

256.7 

-371.2 

SiCl 4 (lq) 

-687.8 

239.7 

— 

SiH,(g) 

34.7 

204.6 

57.2 

SiO, (quartz) 

-910.9 

41.8 

-856.7 

SnO (c) 

-286.0 

56.5 

-256.9 

SnO, (c) 

-580.8 

52.3 

-519.3 

Ti(c) 

0 

30.6 

0 

TiCl, (lq) 

-804.2 

252.4 

-737.4 

TiO, (c) 

-943.9 

50.3 

-888.6 

WO, (c) 

-842.7 

75.9 

—763.9 

ZnO (c) 

-350.6 

43.6 

—320.7 


TabU 6 

Dissociation Constants o! Selected Weak Electrolytes 
in Aqueous Solutions at 25 °C 


Electrolyte 

K 

pK =- log K 

Acetic acid CH,COOH 

1.8X10-0 

4.75 

Ammonium hydroxide NH 4 OH 

1.8X10 - * 

4.75 

Boric acid (ortho) H,BO„ K x 

5.8xl0^ w 

9.24 
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Table 6 ( concluded) 


Electrolyte 


Carbonic acid H 2 CO a , K x 
K t 

Chloroacetic acid CH a ClCOOH 
Formic acid HCOOH 
Hydrazoic acid HN 8 
Hydrogen cyanide HCN 
Hydrogen fluoride HF 
Hydrogen peroxide H a O a> K t 
Hydrogen aelenide H a Se, K 1 
Kt 

Hydrogen sulphide H*S, R t 
K t 

Hydrogen telluride H s Te, K x 

K* 

Hypobromous acid HOBr 
Hypochlorous acid HOC1 
Nitrous acid HN0 8 
Oxalic acid H 2 C 2 0 4 , K x 
K t 

Phosphoric acid (ortho) H 3 P0 4 , K x 

K 2 

K* 

Selenous acid H 2 SeO a , K t 
K* 

Silicic acid H a Si0 3 , K x 

k* 

Sulphuric acid H s S0 4 , K a 
Sulphurous acid H 2 SO s , K x 
K* 

Tellurous acid H 2 TeO„ K x 


K pK = —log K 


4.5X10“* 

6.35 

4.7x10"** 

10.33 

1.4X10"® 

2.85 

1.8X10“* 

3.74 

2.6X10"* 

4.59 

7.9X10"* 0 

9.10 

6.6x10-* 

3.18 

2.6X10“** 

11.58 

1.7X10“* 

3.77 

1X10“** 

11.0 

6x10“* 

7.22 

1X10“** 

14.0 

ixio-« 

3.0 

1X10"** 

11.0 

2,1X10“® 

8.68 

5.0x10“* 

7.30 

4X10“* 

3.40 

5.4XlO r * 

1.27 

5.4X10“* 

4.27 

7.5X10"® 

2.12 

6.3X10“® 

7.20 

1.3X10"** 

11.89 

3.5x10"® 

2.46 

5X10-* 

7.3 

2.2x10-*° 

9.66 

1.6X10-** 

11.80 

1.2X10“* 

1.92 

1.6X10"* 

1.80 

6.3X10“® 

7.21 

3X10“® 

2.5 

2X10-® 

7.7 
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Table 7 

Activity Coefficients / of Ions at Different 
Ionic Strengths of Solution 


Ionic Charge of Ion z 

strength of ——————————————— 

solution ±1 ±2 ±3 


0.001 

0.98 

0.002 

0.97 

0.005 

0.95 

0.01 

0.92 

0.02 

0.90 

0.05 

0.84 

0.1 

0.81 

0.2 

0.80 

0.3 

0.81 

0.4 

0.82 

0.5 

0.84 


0.78 

0.73 

0.74 

0.66 

0.66 

0.55 

0.60 

0.47 

0.53 

0.37 

0.50 

0.21 

0.44 

0.16 

0.41 

0.14 

0.42 

0.14 

0.45 

0.17 

0.50 

0.21 
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TabU 8 

Solubility Products K ip of Selected Sparingly 
Soluble Electrolytes at 25 °C 


Electrolyte 

*»P 

Electrolyte 

*bp 

AgBr 

6xiO" Ia 

Cu(OH) a 

2.2X10“*® 

AgCl 

1.8X10" 1 ® 

CuS 

6x10“*® 

Ag s Cr0 4 

4X10" 1 * 

Fe(OH) 2 

lxio- 16 

Agl 

i.ixio- 16 

Fe(OH) s 

3.8X10“*® 

Ag 2 S 

6x10“ 80 

FeS 

5X10- 1 ® 

AgjSO* 

2xl0“ 8 

HgS 

1.6X10“®* 

BaCO a 

5xi0-» 

MnS 

2.5x10“*® 

BaCr0 4 

1.6x10“*® 

PbBr* 

9.1X10“® 

BaS0 4 

i.ixio- 1 ® 

PbCl a 

2X10^* 

CaCOg 

5X10"» 

PbCrO* 

1.8X10 -1 * 

CaC 2 0 4 

2X10-® 

Pbl 2 

8.0X10“® 

CaF a 

4X10- 11 

PbS 

1X10“*’ 

CaS0 4 

1.3X10“* 

PbS0 4 

1.6X10“® 

Ca s (P0 4 ) a 

ixi(r*® 

SrS0 4 

3.2X10“’ 

Cd(OH) a 

2x10“** 

Zn(OH) a 

lxio- 1 ’ 

CdS 

7.9X10“*’ 

ZnS 

1.6X10“** 
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Table 9 


Standard Electrode Potentiate <p° 
in Aqueous Solutions at 25° C 


Element 

Electrode process 

<P°. v 

Ag 

[Ag(CN) 2 ]-+«-=Ag+2CN" 

-0.29 


Ag + +e- = Ag 

0.80 

A1 

A10j+2H 2 0+3e-=Al+40H- 

-2.35 


Al 3+ +3e-=Al 

—1.68 

Au 

[ Au(CN) a 3"+*“ — Au+2CN" 

—0.61 


Au 8+ +3e~=Au 

1.50 


Au + +e~ = Au 

1.69 

Ba 

Ba* + +2e“—Ba 

-2.90 

Bi 

Bi 8+ +3e~ = Bi 

0.21 

Br 

Br 2 (lq) + 2e-==2Br- 

1.07 


HBrO + H + +2e-= Br'-f H a O 

1.34 

Ga 

Ca* + +2e"=Ca 

-2.87 

Cd 

Cd s+ +2er = Cd 

-0.40 

Cl 

Cl 2 + 2«~ —2C1 - 

1.36 


HCIO + H + +2e~ = Cl"+ H*0 

1.49 

Co 

Co a+ +2e- = Co 

-0.28 


Co**+e-=Co* + 

1.81 

Cr 

Cr»* + 3e-=Cr 

-0.74 


CrO|-+4H 2 0 + 3e~— Cr(OH) s + 50H" 

-0.13 


Cr a O?-+ 14H + +.6e- = 2Cr 3+ +7H 2 0 

1.33 

Cu 

[Cu(CN 3 J-+«r = Cu+2CN“ 

-0.43 


Cu 1+ +e~=Cu + 

0.15 


Cu a+ -f-2e~ = Cu 

0.34 


Cu*+«- = Cu 

0.52 

P 

F 2 +2e-=2F- 

2.87 

Fe 

Fe* + +2<r = Fe 

-0.44 


Fe a ++3e- = Fe 

-0.04 


[Fe(CNj] 3- -}-«"= (Fe(CN) e ] 4 ~ 

0.36 


Fe 8+ -f e- = Fe at 

0.77 

H 

H a +2e- = 2H- 

-2.25 


2H + +2e- = H a 

0.000 

Hg 

Hg| + +2e“— 2Hg 

0.79 


Hg* + +2e~=Hg 

0.85 


2Hg* + + 2e” — Hgf + 

0.92 
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Table 9 ( concluded) 


Element 

Electrode process 

V, v 

I 

I a (c) + 2«-=2I“ 

0.54 


IO| + 12H++10«“=I a (c) + 8H 2 0 

1.19 


2HI0 -f 2H + + 2e~ = I 2 (e) + 2H a O 

1.45 

K 

K++e-=K 

-2.92 

Li 

Li+-f e~=Li 

—3.04 

Mg 

Mg»++2<r = Mg 

-2.36 

Mn 

MnOj+e _ == MnO J" 

0.56 


MnOj+2H 2 0+3e- = MnO a +40H- 

0.60 


Mn0 g + 4H + +2e-=Mn s+ +2H,0 

1.23 


MnOj +8H++ 5e~ = Mn» + +4H a O 

1.51 

Na 

Na*+e-=Na 

-2.71 

Ni 

Ni* + +2e-=Ni 

—0.25 

0 

0 a +2H„04-4e-=40H- 

0.40 


O 2 +2H + +2f=H 2 0, 

0.68 


0 2 +4H++4e-=2H a 0 

1.23 


H 2 0*+2H + +2e- = H 2 0 

1.78 

P 

H # P0 4 4-2H + 4-2e- = H 8 P0 s +H 2 O 

—0.28 

Pb 

Pb* + +2e- = Pb 

-0.13 


Pb 4+ +2e“=Pb* + 

1.69 

Pt 

Pt*++2a" = Pt 

1.19 

s 

S+2H*+2e- = H 2 S 

0.14 


S a O|--f2e-=2SOr 

2.01 

Se 

Se+2H + +2e- = H s Se 

-0.40 

Sn 

Sn a+ +2«" = Sn 

—0.14 


Sn i+ +2«- = Sn* + 

0.15 

Te 

Te+2H + +2«-=H 2 Te 

-0.72 

Zn 

ZnO|-+2H 2 O+2«-=Zn+40H- 

—1.22 


Zn»*+2e-=Zn 

-0.76 
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Table 10 


Instability Constants of Selected Complex Ions 
in Aqueous Solutions at 25 °C 


Dissociation ot complex Ion 

Instability constant 

[Ag(NH,)»] + **Ag++2NH s 

9.3 X 10-» 

[Ag(N0 8 ) a ]-**Ag++2N0* 

1.8 X 10“® 

[Ag(S J O l ) a l a -* fc Ag^+2S a Or 

1.1 XlO" 1 * 

lAg(CN) t ]-**Ag++2CN- 

l.ixio-* 1 

[HgCl*J*“ Hg" + 4-4Cl~ 

8.5 XiO" 1 * 

IHgBrJ*" Hg* + +4Br~ 

1.0 XIO-* 1 

[HgI 4 ]*-=r*Hg*++4I- 

1.5X10-*® 

[Hg(CN) 4 )®~ ** Hg s+ +4CN~ 

4.0X10-** 

[Cd(NH 3 ) 4 ]*+ ** Cd*+ +4NH, 

7.6x10-® 

[Cd(CN) 4 ]*" ** Cd* + +4CN~ 

7.8X10- 1 ® 

(Cu(NH,) 4 ] s+ Cu*+-f4NH* 

2.1X10-“ 

[Cu(CN) 4 1»- Cu*++4CN- 

5.0 X10-* 1 

[Ni(NH 3 ) 3 ]* + Tfc Ni* + +6NHj 

1.9X10-® 


TabU 11 

Atomic Masses to Four Significant Figures 

(Scaled to the relative atomic mass 1J C = 12 exactly) 

The present table is recommended by the IUPAC Commit¬ 
tee on Teaching of Chemistry; the data for Lr, Np, No, Pa, Ra, 
and Tc have been updated in accordance with the 1977 Interna¬ 
tional Table of Atomic Masses. 

The values in italics may differ from the atomic masses 
of the relevant elements in some naturally occurring samples be¬ 
cause of a variation in the relative abundance of the isotopes. The 
numbers in parentheses denote the atomic mass numbers of the iso¬ 
topes with the longest known half-life. 


Element 

Symbol 

Atomic number 

Atomlo mass 

Actinium 

Ac 

89 

(227) 

Aluminium 

A1 

13 

26.98 

Americium 

Am 

95 

(243) 

Antimony 

Sb 

51 

121.8 

Argon 

Ar 

18 

39.95 
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Table 11 ( continued) 


Element 

Symbol 

Atomic number 

Atomic mass 

Arsenic 

As 

33 

74.92 

Astatine 

At 

85 

(210) 

Barium 

Ba 

56 

137.3 

Berkelium 

Bk 

97 

(247) 

Beryllium 

Be 

4 

9.012 

Bismuth 

Bi 

83 

209.0 

Boron 

B 

5 

10.81 

Bromine 

Br 

35 

79.90 

Cadmium 

Cd 

48 

112.4 

Calcium 

Ca 

20 

40.08 

Californium 

Cf 

98 

(251) 

Carhon 

C 

6 

12.01 

Cerium 

Co 

58 

140.1 

Cesium 

Cs 

55 

132.9 

Chlorine 

Cl 

17 

35.45 

Chromium 

Cr 

24 

52.00 

Cobalt 

Co 

27 

58.93 

Copper 

Cu 

29 

63.55 

Curium 

Cm 

96 

(247) 

Dysprosium 

Dy 

66 

162.5 

Einsteinium 

Es 

99 

(254) 

Erbium 

Er 

68 

167.3 

Europium 

Eu 

63 

152.0 

Fermium 

Fm 

100 

(257) 

Fluorine 

F 

9 

19.00 

Francium 

Fr 

87 

(223) 

Gadolinium 

Gd 

64 

157.3 

Gallium 

Ga 

31 

69.72 

Germanium 

Ge 

32 

72.59 

Gold 

Au 

79 

197.0 

Hafnium 

Hf 

72 

178.5 

Helium 

He 

2 

4.003 

Holmium 

Ho 

67 

164.9 

Hydrogen 

H 

1 

1.008 

Indium 

In 

49 

114.8 
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Table 11 (continued) 


Element 

Symbol 

Atomlo number 

Atomic mass 

Iodine 

I 

53 

126.9 

Iridium 

Ir 

77 

192.2 

Iron 

Fe 

26 

55.85 

Krypton 

Kr 

36 

83.80 

Lanthanum 

La 

57 

138.9 

Lawrencium 

Lr 

103 

(256) 

Lead 

Pb 

82 

207.2 

Lithium 

Li 

3 

6.941 

Lutetium 

Lu 

71 

175.0 

Magnesium 

Mg 

12 

24.31 

Manganese 

Mn 

25 

54.94 

Mendelevium 

Md 

101 

(258) 

Mercury 

Hg 

80 

200.6 

Molybdenum 

Mo 

42 

95.94 

Neodymium 

Nd 

60 

144.2 

Neon 

Ne 

10 

20.18 

Neptunium 

Np 

93 

237.0 

Nickel 

Ni 

28 

58.70 

Niobium 

Nb 

41 

92.91 

Nitrogen 

N 

7 

14.01 

Nobelium 

No 

102 

(255) 

Osmium 

Os 

76 

190.2 

Oxygen 

0 

8 

16.00 

Palladium 

Pd 

46 

106.4 

Phosphorus 

P 

15 

30.97 

Platinum 

Pt 

78 

195.1 

Plutonium 

Pu 

94 

(244) 

Polonium 

Po 

84 

(209) 

Potassium 

K 

19 

39.10 

Praseodymium 

Pr 

59 

140.9 

Promethium 

Pm 

61 

(145) 

Protactinium 

Pa 

91 

231.0 

Radium 

Ra 

88 

226.0 

Radon 

Rn 

86 

(222) 

Rhenium 

Re 

75 

186.2 
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Table 11 ( concluded f) 


Element 

Symbol 

Atomic number 

Atomic mass 

Rhodium 

Rh 

45 

102.9 

Rubidium 

Rb 

37 

85.47 

Ruthenium 

Ru 

44 

101.1 

Samarium 

Sm 

62 

150.4 

Scandium 

Sc 

21 

44.96 

Selenium 

Se 

34 

78.96 

Silicon 

Si 

14 

28.09 

Silver 

Ag 

47 

107.9 

Sodium 

Na 

11 

22.99 

Strontium 

Sr 

38 

87.62 

Sulphur 

S 

16 

32.06 

Tantalum 

Ta 

73 

180.9 

Technetium 

Tc 

43 

98.91 

Tellurium 

Te 

52 

127.6 

Terbium 

Tb 

65 

158.9 

Thallium 

T1 

81 

204.4 

Thorium 

Th 

90 

232.0 

Thulium 

Tm 

69 

168.9 

Tin 

Sn 

50 

118.7 

Titanium 

Ti 

22 

47.90 

Tungsten 

W 

74 

183.9 

Uranium 

u 

92 

238.0 

Vanadium 

V 

23 

50.94 

Xenon 

Xe 

54 

131.3 

Ytterbium 

Yb 

70 

173.0 

Yttrium 

Y 

39 

88.91 

Zinc 

Zn 

30 

65.38 

Zirconium 

Zr 

40 

91.22 




Periods 


MENDELEEV’S PERIODIC 


Groups of 



Be 4 

0.01218 




K 

19 

39.098a 

4.1.| 

Potassium 2 

, 29 

Cu 

’S 3d w 4» 1 

63.54 e 

2 Copper 

Rb 

37 , 

85.467a 

..1 18 

Rubidium 2 

,47 

Ag 

is 107.868 

2 5s 1 

2 

Silver 

W$^54 

55 l 
18 
18 

6a 1 8 
2 

Cesium 

,179 

Au 

is 196.9665 

a 5d ,o 0a’ 
2 

Gold 


Ca 20 , 

40.08 , s 

Calcium 2 


,3° zn 

ii 65.38 

a 4 b 2 

2 Zinc 


87.62 it 

si 2 a 

Strontium 2 


5 B 

10.01 

3 2pl 

2 Boron 

6 C 

12.011 
2 2P Carbon 

13 Al 

3 26.98154 

B 3p' 

2 Aluminium 

1 4 Si 

4 28.085s 

8 3p ? 

.2 Silicon 

Sc 21 

449559 \ 
Scandium 2 

Ti 22 

47:90 , , 10 

3d z 4s ? b 

Titanium 2 


7 N 

14.0067 

S 2p3 

2 Nitrogen 


15 p 

5 „ , 30.97376 
a 3p 3 

z Phosphorus 


V 23 

50.9415 i 

3d a 4s z 8 
Vanadium 2 



Ba , 56 | 

137.33 - n 

_ . OS 2 8 

Barium 2 


3* Hg 

18 200.5a 

a ea 2 

2 Mercury 



Tl 

204.3r 

Thallium 


la 72.5a 

S 4p 2 

i Germanium 


Zr 402 

9122 is 
Zirconium 5,5 ! 


,* 50 Sn 

n 118.8a 

a Sp 2 

2 Tin 


>« 82 Pb 


Hf 72 j 

178.4a , . is 

5d 2 6s 2 8 
Hafnium 2 


IND 

929064 is 

4d 4 5B’ 0 

Niobium 2 


,s 51 Sb 

3 121.7s 

8 5 P a » .• 

2 Antimony 

Ta 73 >? 

180.947a is 
5d 2 SS ! 8 
Tantalum 2 


iss Bi 

a 208.9804 

8 6p 3 

2 Bismuth 

105,? 


























































TABLE OF THE ELEMENTS 


elements 


8 

8 2p< 

2 

0 

15.999 4 

Oxygen 

16 

s 

8 3p* 

32.06 

2 

Sulphur 

Cr 

24 

51.996 

3d®4s 5 i 

Chromium 2 


VII 

VIII 


1 H 

2 

He 

, 1.0079 

t Hydrogen 

I* 2 

2 

4.00280 

Helium 

9 F 

10 

Ne 

16.998403 

7 2p* 

2 Fluorine 

8 2p9 

2 

20.17b 

Neon 

17 Cl 

18 

Ar 

7 35.463 

8 3p5 

2 Chlorine 

MOB 09 

* 

39.948 

Argon 


54 9380 

3d 5 4|* 

13 

'8 

55,847 

3d e 4a 2 *8 

58.9332 

3 

Manganese 

2 

Iron 

2 

Cobalt 


Mo 42 Tc 43 ,i 

OR OA on QHfiQ :: 


98.9062 , 8 

4d s S8« ■ 


,53 

1 

18 

126.9045 

8 5p 5 

2 

Iodine 


Ni 

28 

58.70 

3d«4» ! 1; 

Nickel 

21 


Kr 

83,90 

Krypton 


,S 54 Xe 

18 131.30 

8 BP* s. 

2 Xenon 


34 Po 

i 85 At 

i 86 Rn 

209 

” , 1210 ] 

« . [2221 

8p Polonium 

8 ®P A * *• 

2 Astatine 

2 6p Radon 


Atomic moss. 


t Atomic number Atomic iwbsk conform wilti the InWmotiwol 1 


Distribution ol electrons 
by unfilled and followir 
completed sublevels 


■Distribution 
of electrons 


iS^uSSS^l bj tevels 


of 1977. The accuracy of the Inst jlgnjfianr digit 
is *1 or ±3 if it is sit in small type. The numbers 
in brackets on the mass numbers of the most stable 
isotopes. The names ond symbols of elements in 
porentheses are not generally odopted. 
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Four-Place Logarithms 
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Chapter i 

1. 9.01 g/mol. 

2. 127 g/mol. 

3. 10 litres. 

4. 108 g/mol and 16.0 g/mol. 

5. 137.4 amu; Ba. 

6. 15.0 g/mol; 24.9 g/mol. 

7. 79.9 g/mol; 9.0 g/mol. 

9. 56.0 g/mol; 3.36 litres. 

10. 24.2 g/mol; 16.2 g/mol. 

11. 1.74 g. 

12. 32.6 g/mol, 

13. 1 : 2. 

16. 49.0 g/mol. 

17. 79.0 g/mol; 58.4 g/mol. 

18. 11.2 1/mol. 

19. a. 

20. b. 

21. a. 

22. c. 

23. c. 

24. a. 

25. e. 

26. a. 

27. b. 

28. 746 ml. 

29. 303,9 kPa. 

30. By 273 kelvins. 

31. 4.8 litres. 

32. 82.3 kPa. 

33. 839 ml. 

34. 106.3 kPa. 

35. 1.8 m*. 

36. 114 °C. 

37. 444 ml. 

38. 39.4 g/mol. 

39. a; b. 


40. b; c. 

41. 100.8 kPa. 

42. p(H,)=26.7 kPa; 
=■ 8D.0kPa;p = 


. ;ch 4 )= 

06.7 kPs. 


43. 34.0% NO, 66.0% CO. 

44. 100 kPa; 17.2% CO*, 
47.3% O a , 35,5% CH 4 . 

45. p(CH.) = 36 kPa, p(H*)= 
=42 kPa, p(CO)=13.6kPa, 
p « 91.6 KPa. 


46. 6.8 litres. 

47. 20.0 g/mol. 

48. 215 ml, 0.019 g. 

49. 24.3 amu. 


50. b. 


51. b. 

52. b. 

54. 1.08 X 10-« g. 

56. 2.69 X 10»». 

57. 1 litre. 

59. 1 :16 : 2. 

61. 8 X 10“. 

62. 0.168 g; 1.23 kg; 1.456 kg. 

63. 43 litres. 

64. 33.6 litres. 

65. 44.6 moles. 

66. 54.8 kPa (411 mmHg). 

68. 8 litres. 

69. It will not change. 

70. 44% 0„ 56% H*. 

71. 58% SO„, 35.5% 0*. 6.5% 
SO*. 

72. It did not change; 60% Cl., 
30% HC1, 10% H a . 


74. 0.54 m*. 

75. N,0. 

76. a. 
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77. a. 

78. b. 

79. b. 

80. 26.0 g/mol. 

81. 64.0 g/mol. 

82. 28 g/mol; 4.65 X 10"** g. 

83. 47 g/mol; 1.62. 

84. 28.0 amu. 

85. 34.0 amu. 

86. One. 

87. Eight. 

88. 58 g/mol. 

89. 58.0 amu. 

90. 820 litres. 

91. 9.94 g. 

92. 125 kPa. 

93. 1 kg. 

94. c. 

95. a. 

96. b. 

97. b. 

98. b. 

99. Na s CO s . 

100. COH 4 N 2 . 

101. V a O s . 

102. K 2 Cr„0 7 . 

103. BaClj.2H,0. 

104. C 4 H s 0 2 . 

105. CigHg. 

106. C,H U . 

107. C 2 N„. 

108. BjH*. 

109. (a) 138.5 g; (b) 350 g; 
(e) 212 g. 

111. 1315 kg. 

112. Alkaline. 

113. Yes; 28.7 g of AgCl. 

114. 94.6%. 

115. 0.08 mole of Fe(0H) 3 ; 
0.12 mole of FeCl, (re¬ 
mained. 

1161 33.6 litres. 

117. 0.28 m 8 . 

118. 292.5 g. 

119 moles of S0 2 and 11 
moles of 0 2 . 

120. 10.7 g of NH 4 C1, 0.6 g of 
NH S . 

121. 5.0 m 3 . 

122. 11.2 m». 

123. 13.9 tonnes. 


124. 2.3 g. 

125. 38 g. 

126. 17.3% Al. 

127. 79.6%. 

128. 1.36%. 

129. 58.3 litres. 


130. 49.2% Mg, 50.8 Al. 

131. 0.117 g. 

132. b. 

133. b. 


134. a. 

135. b. 

136. a. 


137. c. 


Chapter 2 

162. a; b; d. 

163. b; c. 

164. a. 

165. b; c. 

166. c. 

167. c. 

168. c. 

169. b. 

170. b. 

171. c; d. 

Chapter 3 

172. 5; 7. 

173. 32. 

174. ’ (a)’3d ip 5s; (b) 4d -»■ 

-*•5p -»• Bs; (e) 4/ -*• 5d 
6 p -*■ 7*. 

175. (a) 47 (Ag); (b) 31 (Ga). 

176. 4d. 

177. Ce; Yb. 

178. 6s; 6 p. 

181. (a) 5; (b) 2; (o) 0. 

182. (a) 1; (b) 2; (c) 3; (d) 6; 
(e) 0; (fi 7. 

185. (a) 52 (Te); (b) 24 (Cr). 

186. Fe. 

188. IV and V. 

198. d. 

199. a2. 

200. c. 

201. a2 

202. e because al, a3, b3, d2. 

203. Cr. 
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205. Ta. 

206. 35.49. 

207. 24.32. 

208. 1 : 1.78. 

209. 25 mg. 

210. 1.56%. 

211. 18 g. 

217. |°»Pb. 

219. b. 

220. b; c; d. 

221. c. 

222. c. 

223. c. 

224. a2. 

Chapter 4 

245. b2. 

246. a3,5. 

247. b2. 

248. b2. 

249. b; c; e. 

250. d. 

251. 6.03 X 10 _u m. 

252. 6.41 X 10- 30 C-m = 
= 1.92 D. 

253. 0.038 and 0.020 nm. 

262. b2. 

263. c2. 

264. a3. 

272. d. 

273. a2. 

274. a2. 

275. b3. 

Chapter 5 

280. ATT = —100.3 kJ/mol. 

281. 60.5 kJ. 

282. 5.3 kJ/mol. 

283. -4137.5 kJ/mol. 

284. —238.6 kJ/mol. 

285. —162.1 kJ/mol. 

286. 296.5 litres. 

287. 1312 kJ. 

288. In the combustion of C a H 8 , 
5.2 times more. 

289. -598.7 kJ. 

290. 52.4 kJ/mol. 

291. (a) 96.8 kJ; (b) 490.7 ki¬ 
te) -26.8 kJ. 


292. 0.075 g. 

293. —1113 kJ/mol. 

294. 23.0 kJ. 

295. (a) —1423 kJ; (b) -3301kJ. 

296. (a) -443.2 kJ; (b) -365.6 

297. (a) —69.2 kJ; (b)—2803 kJ. 
303. AS <0, AG < 0, A H < 

< 0; AG will grow with 
elevation of the tempera¬ 
ture. 

305. (a) 22.5 kJ; (b) -59.2 kJ; 
(c) -3285 kJ. 

307. (b) and (c). 

308. 129.1 kJ/mol; 50.7 kJ/mol; 
—114.0 kJ/mol; about 
1080 K. 

309. (a) 47.1 kJ; (b) 107.2 kJ; 
(c) -13.0 kl. 

310. All except CaO. 

311. NiO, SnOj. 

313. b. 

314. c. 


315. b; c; e. 

316. a. 

317. b. 

318. a. 

319. b. 

320. a. 

321. a. 

322. 0.1 l/(mol-min). 

323. It will increase twofold. 

324. 16 times. 

325. (a) No; (b) yes. 

326. IA] # = 0.042 mol/I; [B} 0 = 
— 0.014 mol/1. 

327. 12 times. 

328. / 0 = 3 X 10-*;= 7.2X 
X 10-*. 

329. (a) and (b) It will grow 
27 times; (c) it will grow 
9 times. 

330. / 2 /A = 4.77. 

331. 2.5. 

332. 8 times. 

333. (a) 9.8 s; (b) 162 h 46 min. 

337. 5 times. 

338. 49.9 kJ/mol. 

339. 80.3 kJ/mol. 

340. 1.14 times. 

347. 75 kPa. 
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348. 

fa) 83.3%; <b) 9:1. 

392. 

1107 g. 


349. 

[N,I 0 = 5 mol/1; [H,] 0 = 

393. 

5 kg. 



= 15 molA; (b) to the left; 

394. 

33.6%. 



(c) to the right. 

395. 

8.6%. 


350. 

[CO] = 0.04 mol/I; [CO a ]= 

396. 

342 ml. 



=» 0.02 mol/1. 

397. 

12%. 


351. 

[I a ]o= 0.05 mol/1; [H a ] e = 

398. 

2.49 1. 



= 0.07 mol/1. 

399. 

20%. 


352. 

0.192; [NO a ] 0 = 0.03 mol/1. 

400. 

28.7 mol. 


353. 

49.6% H a , 29.6% Br a , 

401. 

3.90 kg. 



20.8% HBr. 

402. 

1.88 mol. 


354. 

62.5%. 

403. 

6.4%. 


355. 

[A]* = 0.22 mol/I; [B] 0 = 

404. 

175 g. 



= 0.07 mol A. 

405. 

234.6 g. 


356. 

0.16. 

406. 

850 g. 


357. 

[AB]„= 0.03 molA; 66.7%. 

407. 

6.9 1. 


358. 

50%; 83.3%; 90.9%. 

408. 

57.1 g. 


363. 

To the left; A H° < 0. 

409. 

5.1 g. 


364. 

(a) 1.1 X 10 8 ; 0.91; (b) 

410. 

6.63 g. 



7.5 X 10~ M ; 1.4; (c) 2.7 X 

411. 

1 1 . 



X 10*; 1.1 X lO- 8 . 

412. 

0.25 N. 


365. 

319 K. 

413. 

11.7 mol/1. 


366. 

885 K. 

414. 

0.333 1; 2 1. 


367. 

K = 25.4; [A] = [B] = 

415. 

53.3%; 6.22 mol per 1000 g 


- 0.22 mol/1; [AB] = 


of H a O. 



= 0.78 mol/1. 

416. 

6.9 ml. 


370. 

b. 

417. 

75 ml. 


371. 

a; d. 

418. 

187.5 ml. 


372. 

b; d. 

419. 

10.4 ml. 


373. 

b. 

420. 

7.94 mol/1; 10.6 

mol per 

374. 

b. 


1000 g of H a O. 

375. 

a. 

421. 

28.3%. 


376. 

b. 

422. 

0.905; 0.095. 


377. 

b. 

423. 

(a) 40.0%; (b) 9.95 mol/1; 

378. 

b; d. 


(c) 11.9 mol per 1000 g of 

379. 

b; d. 


H.O; (d) 0.176; 

0.824. 

380. 

a. 

424. 

(a) 3.38 N; (b) 1.69 mol/1; 

381. 

c; d. 


(c) 1.80 mol per 

1000 g 

382. 

b. 


of H*0. 


383. 

a. 

425. 

(a) 93.2 gA; (b) 0.27 molA; 

384. 

b; d. 


(c) 0.29 mol per 

1000 g 

385. 

b. 


of KaO. 




426. 

114 g. 


Chapter 6 

427. 

428. 

125 ml. 

1.90 1. 


386. 

12.5%. 

429. 

62.5 ml. 


387. 

430 g. 

430. 

163.5 ml. 


388. 

1.83 g/ml. 

431. 

30.2%; 7.52 N. 


389. 

66.7%. 

432. 

11.8 N. 


390. 

26.5% 

433. 

183 ml. 


391. 

150 g. 

434. 

1 : 3.75. 
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435. 0.25 litre. 

436. 10 g. 

437. 10 g. 

438. 0.3 N; 24 ml. 

439. 45 g/mol. 

440. 40 g/mol. 

441. 594 ml; 891 ml. 

442. 10 N. 

443. 50 g. 

444. 10.8 g. 

445. No. 

446. 48.5 g. 

447. 8.55 litres. 

448. 33.2%. 

449. 760 kPa. 

450. 35% O... 

451. 90% (vol.) N,0,10% (vol.) 
NO. 

452. 483 kPa. 

453. —42.2 kJ/mol. 

454. -75.6 kJ/mol. 

455. By 8.9 K. 

456. -77.7 kJ/mol. 

457. By 8.1 K. 

458. 1.24 MPa. 

459. 311 kPa. 

460. 9.0 g. 

461. 1.14 MPa. 

462. 4.95 X 10* amu. 

463. 426 kPa. 

464. 92 amu. 

465. 0.001 mol. 

466. 4.1 kPa. 

467. 24.8 kPa. 

468. 98 kPa. 

469. By 54 Pa. 

470. 55.7 g. 

471. By 0.26 K. 

472. At 101 °C. 

473. At — 27 d C. 

474. (a) 18.4 g; (b) 65.8 g. 

475. 2 :1. 

476. About -8 °G. 

477. 32 amu. 

478. 145 amu. 

479. Eight. 

480. C,H,0 4 . 

481 32 amu, 13.4 MPa. 

482. (a) 311.7 kPa, (b) —0.25 °C, 
(c) 100.7 °C, (d) 2.33 kPa. 

483. a, c. 


484. c. 

485. b. 

486. b. 

487. a. 

488. c. 

489. b. 

490. c. 

491. a. 

492. a. 

493. b. 

494. a. 

Chapter 7 

495. We must take 0.24 mol of 
Na.SO,, 0.02 mol of NaCl, 
ana 0.64 mol of KC1. 

496. 0.055. 

497. 5 X 10-«. 

498. K = 1.8 X 10“*, p/f = 

= 3.75. 

499. 4.5 X 10" J . 

500. 0.01 mol/1. 

501. 2.3 mol/1. 

502. 900 ml. 

503. 6 X 10- 3 mol/1. 

504. 0.014 mol/1. 

505. [H+J = [HSe-] = 2.9 X 
X 10-® mol/1; ISe®-] = 
= 10 -11 mol/i. 

506. To 1/167 of its original 
value. 

507. 1.8 X 10-* mol/I. 

508. For the third step. 

509. 1.86. 

510. 0.7. 

511. 0.9. 

512. 0.75. 

513. 0.75. 

514. 0.04. 

515. 434 kPa. 

516. a. 

517. b. 

518. e. 

519. c. 

520. c. 

521. a. 

522. a K + ) = 0.0164 mol/1; 
fl(SO|-) = 0.0045 mol/1. 

523. a(Ba» + )=* 7.8 X 10-* mol/1; 
o(CI”) => 1.9 X 10-® mol/1. 
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524. 0.95. 

525. I = 0.06; a(Ca® + ) = 6.4 X 
X 10 - ® mol/1; a(Cl-) = 
= a(NO;) =1.5 X 10- 1 
mol/1. 

526. I = 0.0144; a(Ba®*) = 

= 2.8 X 10*» mol/1; 
a(Cl-) = 8.4 X 10-® mol/1. 

527. a(H + ) = 3.2 X 10“® mol/1. 

528. /(C1-) = 0.99, /(SOJ-) = 
= 0.95; /(POJ-) = 0.90; 
/ [Fe(CN) B l^} = 0.83. 

529. (a) 10- 10 mol/1; (b) 3.12 X 
X 10-» mol/1; (c) 1.35 X 
X 10* mol/1. 

530. (a) 10-ii mol/I; (b) 1.54 X 
X 10- 7 mol/1; (c) 7.14 x 
X 10-® mol/1. 

531. (a) 6.70; (b) 2.09, (c) 9.57. 

532. (a) 10.66; (b) 8.70; (o) 5.97. 

533. 3.38. 

534. 11.40. 

535. 1.5 times. 

536. [H + ] = 6.3 X 10~ 7 mol/1; 
[OH-] = 1.0 X 10-® mol/1. 

537. (a) 10.78; (b) 5.05; (c) 2.52; 
(d) 3.38. 

538. 2.2 X 10-® mol/1. 

539. a(OH-) = 0.16 mol/I; 
pa(OH-) = 0.80. 

540. 2.35. 

541. [H + ] = 6.0 X 10-® mol/1; 
[OHi= 1.7 X 10“ la mol/1; 
pOH = 11.78. 

542. 0.82. 

543. 4.75. 

544. It will grow by 0.3; (b) it 
will grow by 0.15; (c) it 
will not change. 

545. b, c. 

546. a. 

547. b. 

548. c. 


549. c.. 

550. c. 

551. b. 

552. 4.8 X 10-», 

553. 9.2 X 10-®. 

554. 4 X 10- 1 *. 

555. 8 X 10-*. 

556. 7.1 X 10-* g. 


557. 8.36 X 10-* g. 

558. 408 litres. 

559. 1.6 X 10“ litres. 

560. 32 500 times. 

561. Yes. 

562. Yes. 

563. Yes. 

564. To 1/2230 of its initial 

V&lUG • 

565. (a) 2.15 X 10-* mol/1; 
(b) 1.4 X 10~* mol/1; 15.4 
times. 

566. 1/72. 

567. a. 

568. b. 

569. a. 

570. c. 

571. a. 

572. 

58o! K b = 1.5 X 10-“; h = 
= 3.9 X 10-®; pH = 7.59. 

581. Kb = 5.6 X 10- 1 ®; h = 
= 2.4 X 10-*; pH = 5.63. 

582. 11.66. 

583. In a 0.1 M solution, h = 
= 1.12 X 10-®, pH = 

= 11.05; in a 0.001 M 
solution, h = 0.107, pH = 
= 10.03. 

584. 9.15 (25 °C); 9.65 (60 °C). 

585. 10- 7 . 

587. Orange. 

591. b. 

592. a. 

593. a. 

594. c. 

595. c. 

596. a2. 

597. b; d; f; g. 

Chapter 8 

605. b, c, e. 

■ 606. a, d, e. 

.607. a. 

608. a, b, d. 

632. (a) From Mg to Pb; (b) from 
Pb to Cu; (c) from Cu to 
Ag. 

633. 0.80 V. 

634. —0.126 V. 
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635. —2.39 V; -2.42 V; —2.45 
V. 

636. -0.41 V; -0.21 V; -0.63 

V. 

637. 0.01 mol/1. 

638. -0.28 V. 

640. Yes. 

641. 0.1 mol/1. 

643. 0.71 V 

644. 7.6 

645. 0.044. 

647. a. 

648. d. 

649. c. 

650. a. 

651. b, c. 

652. b. 

653. a, b, c—in the forward 
direction. 

654. b, c, d. 

655. (a) No; (b) Yes. 

656. (a) 2 X 10”; <b) 2.2. 

657. (a) K « 1.6 X 10 12 ; (b) 
X*8.6X 10 16 . 

658. (a) No, K — 6.0 X 10-14; 
(b) yes, K = 2.2. 

659. c, d, f. 

660. a, e. 

661. a. 

662. a, b, d. 

663. c. 

664. c. 

665. c. 

666. a. 

673. Ag, Cu, Nt. 

674. Ag, Bi, Pb, Fe. 

679. 1.60 g. 

680. 12g. 

681. 53.6 h. 

682. 4 X 10® C. 

683. 627 ml. 

684. 1.25 litres. 

685. (a) 1.93 X 10® C; <b) 2.41 X 
X 10* C. 

686. 6.19 h. 

687. 23.7 g. 

688. 48.8 g/mol. 

689. 56.2 g/mol. 

690. 114.8 amu. 

691. a. 

692. c. 


693. b. 

694. a. 

695. b. 

696. d. 

Chapter 9 

700. 40 ml. 

711. 9.3 X 10-® mol/1. 

712. 7.8 X 10- 1B mol/1. 

713. 5.9 X 10-“ g. 

714. (a) No; (b) yes. 

715. More than 1.0 mole. 

716. [Ag + ] = 7.4 X 10-® mol/1; 
not more than 1.4 g of NaCl. 

717. a. 

718. a. 

719. c. 

Chapter 10 

726. 46.2 g. 

727. 750 g. 

728. 61.1 g. 

729. Mg g Sb 2 . 

730. MgCu 8 and MgCu. 

731. 617.3 g. 

Chapter 11 

758. 470 kg of CaII 2 ; 1460 kg 
of Zn and 2190 kg of H»S0 4 . 
764. 2.02%. 

767. al; el. 

768. b3. 

769. h2 

770. b. 

777. 0.12 mol/1. 

789 . 61.2 g. 

794. d. 

795. al; c4; el, 3; f4. 

801. 1000 ml; 6.44 kJ. 

819. 9.1. 

823. 13.44 litres. 

825. 2.08 g of NaHSO.. 

829. 48.92 g; 24.46 g. 

830. 133.6 g and 66.85 g; the 
same amount of acid is 
used for oxidation in both 
cases. 

833. a; c. 

834. c. 
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835. cl; d3; el; h2, il. 

836. a2; 3; dl; el. 

837. c2, 3. 

838. c2; d3; el; f2; h2; il. 

844. 197 g and 152 g. 

846. 7.2 tonnes. 

848. 67.2 litres. 

854. pH = 8.79; h = 6.2 X10-*. 

874. Of 4 and of 2. 

875. 5.4 X 10» kJ. 

895. a; b. 

896. c4. 

897. a3. 

898. b3; c4. 

899. a2. 

900. a3; b2; d2; el; f2. 

901. a; c. 

902. a. 

903. a2. 

909. 215 litres. 

911. 11.16. 

915. (a) 28 litres; (b) 56 litres. 
919. 5.6 tonnes; 2240 m 3 . 

927. a2. 

928. b; c. 

937. 5.75%. 

938. 23.6% KC1; 76.4% NaCl. 

940. 4.69 kJ. 

941. 375 ml. 

942. 27.8 kJ. 

955. 49.9%. 

956. 28.77% Gu, 3.98% Sn, 
67.25% Zn. 

957. a; b. 

958. c. 

959. al; bl; c2. 

960. c. 

961. b; c. 

962. b. 

963. d. 

973. -744.8 kJ. 

975. 1164 kJ. 


977. CaS0 4 -2H.0. 

978. 12 5% 

983! 40i2%’znC0 3 ; 59.8% ZnO. 
984. 2950 kJ. 

990. 106 g. 

991. 5 meq/1. 

992. 2 meq/1. 

993. 144.7 mg. 

994. 1.22 g. 

995. 8.52 meq/1. 

996. 0.28 meq/1. 

998. a; d; f. 

999. b; c;' d. 

1000. b. 

1001. a. 

1002. a. 

1003. c. 

1011. 5.49 g. 

1014. By 16.2 mg. 

1020. 6.26 X 10*» mol/1. 

1023. a2. 

1024. a; c; d. 

1025. c; d. 

1026. a. 

1027. a; c; d. 

1049. 294.7 g. 

1053. 67.2 litres. 

1056. 2.63 g; 1.58 g. 

1064. e. 

1065. c. 

1066. b; c. 

1067. c. 

1068. a. 

1071. 29.8%. 

1078. A H° = 39.7 kJ. 

1087. 0.5173 mol/1. 

1094. cl. 

1095. c. 

1096. c; d. 

1097. a2. 

1098. a. 

1099. b3. 
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Acid(s), 36, 37 
basicity, 12 
dibasic, 37 
monobasic, 37 
names, 2560 
polybasic, 

(salt hydrolysis, 159 
[stepwise equilibria in dis¬ 
sociation, 135 
tribasic, 37 
Activity, ions, 141f 
Agent(s), 
complexing, 203 
oxidizing, 166, 189S 
(reducing, 166, 172f 
Alloys, 212ff 
[phase diagrams, 212ff 
Amount of substance, 21 
Analogues, electron, 47 
Anhydrides, acid, 36 
Anode, 182, 195 
Atom, 

central, 203 

many-electron, atomic orbi¬ 
tals, 45f 

Atomic mass unit (amu), 21 

Base(s), 36, 39 
acidity, 12 
diacid, 39 
monoacid, 39 
Bidentate, 203 
Bond, 

chemical, see Bond 
covalent, 59f, 61 
formation, donor-acceptor 
mechanism, 61 
hydrogen, 77 
ionic, 59, 74 
kinds, 59fF 
multiplicity, 63 
order, 63 
Bridge, oxygen, 37 

Capture, electron, 55 
Cathode, 182, 195 
Cells, galvanic, 182f 
concentration, 187 
e.m.f., 183f 
standard, 184, 192 


Charge, elementary electric, 256 
Coefficient, 
absorption, 117 
activity, 142, 262 
isotonic, 136, 137 
and degree of dissociation, 
137 

solubility, 117 

temperature, reaction rate, 97f 
van r t Hoff’s, 136 
Complex, activated, 100 
Complex compounds, 203ff 
coordination number, 203 
equilibria in solutions, 20711 
formulas, 204 
inner sphere, 203 
ligands, 203 
nomenclature, 205f 
outer sphere, 203 
Compounds, 

complex, see Complex com¬ 
pounds 
inorganic, 
binary, 35f 
classification, 35ff 
ionic, 74 
Concentration, 
equilibrium, 101 
equivalent, 114 
molal, 114 • 
molar-volume, 114 
per cent by mass, 114 
Constant, 

Avogadro's, 256 
cryoscopic, 126 
dissociation, 132, 143f 
weak electrolytes, 260f 
ebullioscopic, 126 
equilibrium, lOlf 
and catalyst, 102 
heterogeneous reaction, 102 
oxidation-reduction reaction, 
192 

solid electrolyte and ions in 
solution, 148f 

and standard Gibbs energy, 
104f 

Faraday’s, 198, 256 
hydrolysis, 157 
first step, 159 
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Constant, 
hydrolysis, 
second step, 159 
instability, 

complex ion, 207!, 265 
concentration, 208 
ionization, 132 
molar gas, 27, 256 
Planok T s, 256 

Debye (D), 69, 256 
Decay, radioaotive, 54f 
alpha, 54 
beta, 54! 

Degree, 

dissociation, 132f, 137 
hydrolysis, 157! 
land salt concentration, 158 
Diagram, 

energy-level, 64fi 
phase, tee Phase diagram(s) 
reaction energy, 99 
Dipole, 
electric, 69 
moment, molecule, 69 
Dissociation, 
degree, 132 
apparent, 137 
electrolytic, 132, 136 
water, 143 

Duality, oxidation-reduction, 
169, 173f 

Electrodes, 182, 195 
inert, 183 
reference, 183 
standard hydrogen, 185 
Electrolysis, 195ff 
Electrolytes, 

degree of dissociation, 1321,137 
strong, 141 
weak, 132 

Electronegativity, relative, 59! 
Element, 

oxidation number, 165 
oxidation state, 165 
Energy, 
activation, 98 
Gibbs, 86 

formation, 86, 25811 
standard change, 88, 258ft 


Energy, 
ionisation, 48 
Enthalpy, 81 

standard, of formation, 82, 
258fi 

standard change, 84, 88 
Entropy, 85 
change in system, 85 
elementary substance, 86 
molar, 85 
standard, 258& 
change, 88 
Equationfs), 

Arrhenius, 98f 
Clapeyron-Men deleev, 26! 
Nernst, 184f 
net ionic, 154 
nuclear reactions, 55! 
oxidation-reduction reactions, 
balancing, 175ff 
of state, ideal gas, 26! 
thermoohemical, 82 
Equilibrium, 

chemical, see Equilibrium 
complex compounds, in solu¬ 
tions, 207ff 
displacement, 104 
in electrolyte solutions, 155f 
electrolytic dissociation, 132, 
134 

hydrolysis, 160f 
shifting, 104 

in complex ion dissociation, 
209 

solid electrolyte and ions in 
solution, 148S 
Equivalent, substance, Ilf 
Eutectic, 212 


Factor, steiic, 98f 
Forces, 

intermolecular interaction, 78 
van-der-Waals, 78 
Functions, state, 80 

Gas(es), 

ideal, equation of state, 26f 
molar volume, 22 
molecular mass, 26f 
partial pressure, 18f 
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Gas(es), 

pressure, at constant volu¬ 
me, 16 

standard conditions, 15 
volume content in gas mix¬ 
ture, 23 

Heat efiect, 81f 
sign, 81 

Hybridization, atomic orbitals, 
70f 

Hydracids, 37f 
Hydrolysis, 156ff 
degree, 1571 
equilibrium, 160f 
Hydroxides, 36 
acid, 26 

amphoteric, 36, 39 
basic, 36, 39 
Hydroxosalts, 40 

Index, dissociation constant 
(P*), 133 

Ions, 

activity, 141f 

activity coefficient, 142, 262 
complex, 
charge, 204 

instability constant, 207f 
polarizability, 74f 
polarization, 74 
polarizing power, 75 
Isobars, 53 
Isotopes, 53 
half-life, 54 

Law, 

Avogadro’s, 22 
Boyle’s, 15 
combined gas, 17 
equivalents, 12 
Faraday’s, 198 
Gay-Lussac’s, 16 
Henry's, 117 
Hess’s, 82f 
corollary, 84 
mass action, 96f 
Ostwald’s dilution, 132f 
partial pressures, 19 
Raoult’s, 125f 
Light, speed, 256 


Macrostate, 85 
Mass(es), 
atomic, 266ff 
equivalent, Ilf 
molar, 21f 
Method, 

linear combination of AO’s, 63 
molecular orbitals, 62f 
valence bond, 61 
Microstate, 85 
Molality, 114 
Molarity, 114 
Mole, 21 

Mole fraction, 114 
Molecule(s), 
activation energy, 98 
active, 98 
dipole moment, 69 
polyatomic, dipole moment, 
69f 

spatial structure, 72 
Monodentate, 203 

Number, 

Avogadro’s, 21 
coordination, 203 
oxidation, 165 

Orbitals, 

atomic electron, 45 
hybrid, directional character¬ 
istic, 71 
molecular, 
antibonding, 62i 
bonding, 63 
formation, 63f 

Overvoltage, electrode process, 
197 

Oxidation, 165 
Oxides, 
acidic, 36 
amphoteric, 37 
basic, 36 

non-salt-forming, 36, 37 
salt-forming, 36 
Oxosalts, 41 
Oxyacids, 37, 38 

Particle, 
alpha, 54 
beta, 54f 
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Peracida, 38 
Peroxides, 37 
pH, 144f 

Phase diagram(s), 212f 

alloys forming no chemical 
compounds, 212f 
alloys forming chemical com¬ 
pounds, 213f 

alloys forming solid solutions, 
214f 

system Cd-Bi, 216 
system Cu-Mg, 217 
system Mg-Sb, 217 
pOH, 144f 
Polydentate, 203 
Potential, 
electrode, 184 
standard, 184ff, 263f 
ionization, 48f 
and atom’s electron configu¬ 
ration, 49 

and nucleus charge, 49 
Pressure, osmotic, 137 
Principle, 

Le Chatelier's, 104 
Pauli exclusion, 45 
for molecule, 62 
Process, 
isobaric, 81 
isobaric-isothermal, 86 
isochoric, 80f 
Product, solubility, 149f 
sparingly soluble electrolyte, 
262 


Radioactivity, 53f 
Rate, 

heterogeneous reaction, 95 
homogeneous reaction, 95f 
reaction, 95f 
and catalyst, 100 
and temperature, 97f 
Hate constant, 96 
and activation energy, 98f 
and temperature, 97 
Reactionfs), 

autoxidation-autoreduction, 

166 

change in internal energy, 80 
chemical, see Reaction(s) 


Reactions 

disproportionation, 166 
endothermic, 80, 81, 87, 161 
energy diagram, 99 
exchange, in electrolyte solu¬ 
tions, 1542 
exothermic, 80, 81, 87 
heat efiect, 81f 
at constant pressure, 81 
at constant volume, 81f 
sign, 81 

heterogeneous, 97 
rate, 95 

homogeneous, rate, 95f 
neutralization, 155f, 161 
nuclear, equations, 55f 
oxidation-reduction, 165 
equilibrium constant, 192 
in galvanic cell, direction, 
191 

intermolecular, 166 
intramolecular, 167 
rate, 95f, see also Rate 
and temperature, 97f 
rate constant, 96 
and activation energy, 98f 
and temperature, 97 
redox, 165, see also Reactionfs), 
oxidation-reduction 
reversible, 101 
Reduction, 165 



Klechkovsky’s, 46 
first, 46 
second, 46 
van’t Hofl’s, 97 


Salts, 40 
acid, 40, 41 
basic, 40, 41 
complex, 

primary dissociation, 207 
secondary dissociation, 207 
hydrolysis, 1562 
constant, 157 
names, 2562 
neutral, 40 
normal, 40 
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Solubility, 117 
product, 149f, 262 
Solution (s), 

boiling point elevation, 126, 

concentration, 114i 
dilute, colligative properties, 
125 

electrolytes, 132fl 
boiling point elevation, 136 
colligative properties, 136 
equilibrium, 155f 
freezing point depression, 136 
osmotic pressure, 137 
freezing point depression, 126, 
136 

ionic strength, 142, 151f 
neutral, 144 
osmotic pressure, 126 
Solvent, vapour pressure depres¬ 
sion, 125f, 136 
State, oxidation, 165 
Strength, ionic, 142, lSlf 


Substance(s), 
amount, 21 
empirical formula, 29f 
entropy, 86 

enthalpy of solution, 123 
equivalent, Ilf 
molecular formula, 29, 30 
solubility, 117 
standard state, 81, 82 
Systems, electrochemical, 186 

Unit, atomic mass (amu), 21 
Units, SI, 255 
basic, 255 
derived, 255 

Volume, equivalent, 12f 

Water, 

dissociation, 143 
dissociation constant 143f 
ion product, 144 
and temperature, 144 




Problems and Exercises 
in General Chemistry 

Professor N. Glinka’s book Problems and Exercises in 
General Chemistry closely corresponds to the well- 
known textbook General Chemistry by the same 
author. 

Mir Publishers have prepared an English translation of 
the latest, 21st Russian edition of the textbook, which 
has been divided into two volumes to facilitate work 
with the book. 

Many generations of students used N. Glinka’s General 
Chemistry in studying the subject; secondary school 
graduates used it in preparing for their entrance 
examinations to higher educational establishments, 
and specialists of non-chemical professions often find 
answers to their questions In it. Contents. 

Volume 1. Introduction. The Atomic and Molecular 
Concept. Mendeleev’s Periodic Law. Structure of the 
Atom. Development of the Periodic Law. The Chemical 
Bond and the Structure of Molecules. The Structure of 
Solids and Liquids. Fundamental Laws of Chemical 
Reactions. Water Solutions. Solutions of Electolytes. 
Oxidation-Reduction Reactions. Fundamentals of 
Electrochemistry. Dispersed Systems. Colloids. 

Volume 2. Hydrogen. The Halogens. The Main 
Subgroupof Group Six. The Main Subgroup of Group 
Five. The Main Subgroup of Group Four. Common 
Properties of Metals. Alloys. First Group of the Periodic 
Table. Complex Compounds. Second Group of the 
Periodic Table. Third Group of the Periodic Table. 
Secondary Subgroups of Groups IV, V, VI, and VII. 
Eighth Group of the Periodic Table. 
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